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The major external source of iron (Fe), which is an essential nutrient for all aquatic 
organisms, to the Ocean is through aeolian deposition of dust. The Superoxide radical (O2-) is 
a key species affecting metal redox speciation and has been shown to cycle Fe between the 
thermodynamically favoured, but poorly soluble, Fe(III) species and the more bioavailable 
reduced Fe(II) form.  
The primary hypothesis that this thesis examines is whether there is significant 
dissolution of recently deposited aeolian dust by O2- in the surface waters around Cape Verde 
in the Atlantic Ocean. A secondary goal was to fully identify and determine the significance 
of all reactions involving O2- in the open ocean. Due to problems with the methods in the 
existing published literature I was compelled to develop and evaluate new techniques and 
methods which could be successfully used for the field expeditions in this work. This includes 
a new theoretical basis for the interpretation of the data as in many cases the existing theory 
was too simplistic giving rise to serious artifacts.  
The first manuscript describes the optimized methodology I developed for the 
calibration and determination of O2- fluxes in seawater which avoids most of all the 
discrepancies found in previous works. This was achieved through the application of an O2- 
thermal source for use as calibration source for both concentration and flux measurements.  
O2- reactions with dissolved organic matter is the subject of my 2nd manuscript as little 
is known about these reactions which may be important for the cycling and oxidation of 
organic matter. This work found in waters close to Cape Verde a relative small but significant 
contribution from organic material to the O2- decay. 
The 3rd manuscript examines the question of which processes control dust dissolution 
in seawater. My results indicate that while ligand promoted and thermal dissolution appeared 
to be clearly important, the experiments in natural waters were highly variable and most of 
this variability was apparently related to dynamic factors attributed to changes in surface 
seawater chemistry occurring over both spatial and temporal scales. Key amongst these 
factors was most likely the abundance of colloidal metal species and ligands. 
The last manuscript describes work on superoxide decay kinetics in the Southern 
Ocean where measurements of O2- decay kinetics throughout the water column were 
performed. In this work Cu was found to be the major sink of O2- in the Southern Ocean 
despite being strongly organically complexed. This indicates that the Cu organic complexes 
react directly with O2-. Contrastingly the reaction with Fe was relatively slow throughout the 
water column suggesting that organic complexes of iron do not react significantly with O2-. 

Zusammenfassung 
 Es ist bekannt, dass der Eintrag von Staub in das Oberflächenwasser der Ozeane eine 
der wichtigsten externen Quelle für Eisen ist, dass für alle im Wasser vorkommenden 
Organismen essentiell ist. Gerade in Regionen mit hohem regelmäßigem Staubeintrag (z.B. 
subtropischer Atlantik) spielen daher die mit dem eingetragenen Material 
zusammenhängenden Stoffflüsse eine zentrale Rolle. Das Superoxid Radikal (O2-) gilt als 
Mediator zwischen verschiedenen Redox Stufen wichtiger Spurenmetalle (z.B. Fe, Cu). In 
dem Fall von Eisen vermittelt O2- zwischen dem thermodynamisch begünstigten, allerdings 
schlecht löslichen Fe(III) Spezies und der besser bioverfügbaren Form Fe(II). 
 Grundlegend für die vorliegende Dissertation war daher die Frage, ob O2- signifikant 
die Auflösung von Saharastaub beeinflussen kann, welcher durch Wind in das 
Oberflächenwasser um die Kapverdischen Inseln eingetragen wird. Ein weiteres Ziel dieser 
Arbeit war die Identifizierung sowie Quantifizierung aller Reaktionen in die das Superoxid 
Radikal im offenen Ozean involviert ist. Bisher publizierte Methoden zur Messung von O2- 
fanden in dieser Arbeit aufgrund von Inkonsistenzen der Detekionsmethoden und 
Auswertungen keine Anwendung. Nach eingehender praktischer sowie theoretischer Analyse 
der bereits existierenden Analysen stellte sich heraus, dass es nötig war, eine neue Methode 
zur Bestimmung von O2- im Seewasser zu entwickeln. Diese Methode wurde zuerst in 
Laborversuchen etabliert und evaluiert und im weiteren Verlauf dieser Arbeit auch erfolgreich 
bei den Feldexpeditionen im offenen Ozean (Kapverdischen Inseln, Südpolarmeer) genutzt. 
Die Etablierung dieser Methode beinhaltet darüber hinaus eine neue theoretische Basis für die 
Interpretation der Daten, in welcher –im Gegensatz zu früher publizierten Datenanalysen- den 
verschiedenen komplexen Reaktionsmechanismen des Superoxides Rechnung getragen wird.  
 Das erste Manuskript dieser Arbeit beschreibt die optimierte Methodik, welche für die 
Kalibrierung und Ermittlung von Superoxid-Stoffflüssen in Seewasser entwickelt wurde. 
Dieses wurde durch den Einsatz einer thermischen O2- -Quelle erreicht, die einerseits zur 
Kalibrierung des Systems und andererseits sowohl für die Bestimmung der Konzentration als 
auch für die Stofffluss-Messungen verwendet werden kann. 
 Reaktionen von O2- mit gelöstem organischem Material im offenen Ozean sind das 
Thema des zweiten Manuskripts. Bisher ist wenig über diese Reaktionen bekannt, die 
möglicherweise eine zentrale Rolle im Kreislauf und bei der Oxidation von organischem 
Material spielen. In dieser Arbeit wurde im subtropischen Atlantik nahe der Kapverdischen 
Inseln ein kleiner aber signifikanter Beitrag von organischem Material für die Reaktionen von 
O2- gefunden. 
 Das dritte Manuskript untersucht in einem experimentellen Ansatz welche Prozesse 
die Auflösung von Staub in Seewasser kontrollieren. Die Ergebnisse deuten darauf hin, dass 
die Auflösung von Staub durch das Vorhandensein von Liganden und durch thermische 
Reaktionen gefördert wird. Die Experimente in natürliche vorkommenden Wasser zeigen 
allerdings variable Ergebnisse und der größte Teil dieser Variabilität ist offenbar mit 
dynamischen Faktoren verbunden die mit Änderungen der chemischen Zusammensetzung des 
Oberflächenwassers zusammenhängen welche sowohl auf einer räumlichen als auch 
zeitlichen Skala ablaufen. Der bestimmende Faktor ist hierbei höchst wahrscheinlich das 
Vorhandensein von kolloidalen Spezies und Liganden. 
 Das vierte Manuskript beschreibt die Arbeit über die Zerfallskinetik von O2- im 
Südpolarmeer wobei hierfür Messungen in der gesamten Wassersäule durchgeführt wurden. 
Hierbei wurde eine neue Versuchsstrategie angewandt um die Reaktionswege von O2- in 
polaren Gewässern zu klären. Diese Arbeit zeigt, dass Kupfer die Hauptsenke von O2- im 
Südpolarmeer darstellt, obwohl dieses stark durch organische Liganden komplexiert ist. Die 
Ergebnisse deuten darauf hin, dass organische Cu-Komplexe direkt mit O2- reagieren. Die 
Reaktion mit Eisen hingegen war in allen untersuchten Tiefen relativ gering, was darauf 





























What is superoxide? 
 Superoxide (O2-, IUPAC name: dioxide (•1-) ) was named in 1934 by Neuman after 
his investigation of the paramagnetic properties of KO2 [Neuman, 1934]. The conjugate acid 
of superoxide, hydroperoxyl (HO2, IUPAC name: hydridodioxygen(•)) is in pH-dependent 
equilibrium with O2- (pKa = 4.8) [Bielski et al., 1985; Christensen and Sehested, 1988] and 
both species are known as especially strong oxidants and as initiators of radical reactions but 
for many years were considered to be little more than an interesting chemical curiosity 
[Sawyer and Valentine, 1981]. In 1969 it was observed that an enzymatic reaction involving 
O2 produced superoxide and that metalloproteins catalysed the disproportion of superoxide, 
these proteins were thus given the name “superoxide dismutase” or SOD for short [McCord 
and Fridovic, 1969]. The possibility that superoxide might be an important intermediate in 
aerobic life provided a new impetus to studies of superoxide reactivity and its role in shaping 
biology and the environment.  
 
Why is superoxide important?  
Superoxide can be produced via a number of enzymatic processes [Marshall et al., 
2005b] and in particular through photosynthesis via the Mehler reaction [Mehler, 1951]. In 
phytoplankton cells, O2- concentrations are regulated through the action of SODs [Asada et 
al., 1977; Marta et al., 1989], to eliminate detrimental reactions including lipid peroxidation 
[Kellogg and Fridovich, 1975] and the inhibition of nitrogen fixation in the marine 
cyanobacterium Trichodesmium [Cunningham and Capone, 1992]. Superoxide has also been 
implicated in fish kills due to enhanced production by toxic phytoplankton [Oda et al., 1997].  
In geochemical processes, although O2- is a transient species it is suspected of 
involvement in the redox cycling of metal ions in natural waters through its ability to act as 
both a reductant and oxidant (see reactions 1 and 2 below) [Rose and Waite, 2006; Voelker 
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Thus O2- is potentially a key transient species in the biogeochemical cycling of iron (Fe) and 
copper (Cu) with implications for their speciation and hence bioavailability. However little is 
currently known about O2- chemistry in seawater and research is clearly required in order to 
improve our understanding of its role in oceanic trace metal biogeochemical processes.  
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Sources of Superoxide in the Open Ocean 
 
Figure 1: Schematic showing the cycling of superoxide in the open ocean. 
 
Photochemical sources of superoxide 
In sunlit surface waters O2- is a product of the photo-oxidation of coloured dissolved organic 
matter (CDOM) [Micinski et al., 1993]. The main mechanism for the production of O2- is 
believed to be via the absorption of a photon by DOC (dissolved organic carbon) leading to an 
excited triplet state which subsequently reacts with O2, which occurs naturally in the triplet 
state, to form O2- and a carbocation of DOC [O'Sullivan et al., 2005] (Reactions 3 and 4 
below). The apparent quantum yield of this process is low as the photon energy absorbed by 
CDOM is mostly dissipated by heat loss (95-98%) or by fluorescence (1%) and only a small 
percentage reaches the triplet state through intersystem crossing (1-4%). Triplet CDOM can 
also form other reactive oxygen species (ROS) such as singlet oxygen and the hydroxyl 
radical [Blough and Zepp, 1995].  
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Estimates of the apparent quantum yield (AQY) exist for the combination of reactions 
3 and 4 based on the absorbance of CDOM and H2O2 formation rates [O'Sullivan et al., 2005; 
Yocis et al., 2000]. Wavelength specific AQY based on H2O2 production show highest values 
(1 x 10-3) in the UV-B range (280-320 nm) and decrease logarithmically with increasing 
wavelength through the UV-A region (320-400 nm), while in the visible region of the 
spectrum (400-700 nm) the AQY is essentially zero. Most estimates of the photochemical 
production of O2- in seawater have been based on measurements of H2O2 in situ formation 
fluxes [Obernosterer et al., 2001; Yocis et al., 2000; Yuan and Shiller, 2001] and indicate 
rates in surface waters of 9 (Antarctic) to 17 nM h-1 (Tropical Atlantic), assuming the rate of 
O2- production is twice that of H2O2. In sunlit seawater O2- quasi-steady concentrations of 
~10-100 nM were initially estimated based on the assumption that only the uncatalysed 
dismutation pathway was occurring [Millero, 1987; Petasne and Zika, 1987]. Later research 
included other important reactions with O2-, such as with Fe and Cu [Voelker and Sedlak, 
1995; Voelker et al., 2000; Zafiriou et al., 1998] or organic matter [Goldstone and Voelker, 
2000] and suggest that under a midday tropical sun, steady state concentrations of O2- in 
seawater are in the pM range. 
 
Nature of sunlight in seawater 
The majority of the photons from the sun which enter the sea are absorbed, while a 
small fraction may be scattered back in the upwards direction (albedo effect) [Kirk, 1994]. 
The solar spectrum at the surface of the ocean is made up predominantly of visible (400-700 
nm) and infrared (700 – 2000 nm) radiation as ultraviolet (UV) light is attenuated in the 
atmosphere by the presence of trace gases and in particular O3 which prevents light of below 
280 nm wavelength from reaching the surface. Infrared light is rapidly absorbed by water 
itself and is responsible for the solar heating of the surface ocean (Figure 2). While UV light 
is the most energetic part of the sunlight spectrum and is capable of breaking many types of 
chemical bonds, it is however strongly absorbed by CDOM in seawater leading to its rapid 
attenuation in the upper water column (Figure 2).  Visible wavelengths (400 – 700 nm) are 
attenuated the least in the ocean resulting in the typical blue colour of open ocean waters. The 
presence of small particles such as phytoplankton leads to increased scattering of the light 
which affects shorter wavelengths more than longer ones resulting in the ‘greener’ waters of 
the coastal ocean and in particle laden estuarine systems a ‘yellow-green’ colour. Thus the 





Figure 2: Diffuse attenuation coefficient for light in optically clear seawater as a function of 
wavelength (data from Smith and Baker [1981]).  
 
Biological sources of superoxide 
Superoxide is also produced by metabolic processes in bacteria and phytoplankton 
[Kim et al., 2000; Marshall et al., 2002] and is suspected to also occur in photosynthetic 
organisms through the Mehler reaction [Mehler, 1951]. As O2- is an intermediate oxygen 
species in the pathway from O2 to H2O it can be produced by both photosynthetic and 
respiratory processes (Figure 3).  
Figure 3: Reaction pathway of oxygen to water (Respiration) and the reverse reaction 
(Photosynthesis) and the resulting reaction intermediates.  















In laboratory experiments O2- production has been observed in cultures of some toxic 
marine phytoplankton [Marshall et al., 2002; Oda et al., 1997], diatoms [Kustka et al., 2005] 
or in cyanobacteria [Rose et al., 2005]. Superoxide production rates have been estimated at 
8.4 x 10-16 mol cell-1 h-1  for the diatom T. weissflogii [Kustka et al., 2005] with higher rates 
for 4 toxic species 0.45-4 x 10-12 mol cell-1 h-1 [Oda et al., 1997]. Superoxide production by 
phytoplankton has been suggested to occur in order to enhance the toxicity of algal exudates 
or serve as an allelopathic agent against bacterial fouling [Marshall et al., 2005a]. An 
alternative hypothesis suggested for open ocean species is that O2-  is produced in response to 
iron limitation as a mechanism to reduce Fe(III) to the more bioavailable Fe(II) [Rose et al., 
2005] though other researchers suggest that this is a ‘futile’ exercise as the Fe(II) is rapidly 
oxidized back to Fe(III) [Kustka et al., 2005]. 
 
Sink terms for Superoxide in the Open Ocean 
Measurements of superoxide decay in the ocean are rare as earlier studies were 
hampered due to technical limitations related to O2- sources and detection systems [Zafiriou, 
1990]. Recent studies in the Tropical Pacific found values for the pseudo first order decay of 
O2- of 9.7 x 10-3 s-1  > k > 1 x 10-4 s-1 [Rose et al., 2008], though these values are most likely 
underestimates as these authors added the chelating agent DTPA immediately prior to their 
measurements. Higher rates (0.02 - 1.4 s-1) have been found in estuarine and coastal waters 
[Goldstone and Voelker, 2000; Voelker et al., 2000; Zafiriou et al., 1998] where reactions 
with Cu species was suggested to be the major sink term for superoxide. Workers in this field 









where the metal reactions (kM) include both the Cu(II)/Cu(I) and Fe(III)/Fe(II) redox pairs, the 
reaction with organic substances is described by the first order rate korg. kD is the second order 
dismutation rate (unit: M-1s-1) which has been described by Zafiriou [1990].   
( ))]([)]([)]([)]([][ )()()()( IIIFekIIFekIICukICukMk IIIFeIIFeIICuICuXM +++=∑  (6) 
The observed rate of superoxide decay can then be written as follows with only a single term 
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where kobs is described as the sum of the first order reaction rates. 
orgXMobs
kMkk +=∑ ][   (8) 
Uncatalysed dismutation reaction of superoxide  
The second order uncatalysed dismutation reaction of superoxide was initially 
postulated to be the main source of hydrogen peroxide in the ocean ([Moffett and Zafiriou, 
1990; Petasne and Zika, 1987] via reactions 9 and 10 shown below:  
22222 OOHHOHO +→+   (9) 
2222 OHOOHO +→+
−−
  (10) 
The kinetics of the uncatalysed dismutation reaction in seawater was investigated by Zafiriou 
[1990] who found that sea salts had only a minor influence on this reaction when compared to 
pure water. This reaction is strongly pH dependent in the pH range 5-11 with an increasing 
decay rate with decreasing pH. Measurements in the seawater pH range can be described by 
the following equation: kD = 5 ± 1 x 1012 [H+] [Zafiriou, 1990]. 
 
Reaction of superoxide with organic molecules 
 CDOM is the main absorbing substance in the ocean and plays an important role in 
light availability for primary production [Del Vecchio and Blough, 2002] and for 
photochemical reactions where it is critical to the production of free radical species [Dister 
and Zafiriou, 1993]. CDOM is comprised of a number of potential chromophores but overall 
forms a small part of the Dissolved Organic Carbon (DOC) pool in the ocean [Nelson et al., 
2007]. In seawater CDOM is believed to be produced by heterotrophic processes in the upper 
water column [Steinberg et al., 2004] and is destroyed by solar bleaching. The distribution of 
CDOM is also dependent on terrestrial inputs and from the decomposition of organic matter 
where humic and fulvic acids contribute greatly [Del Vecchio and Blough, 2004].  As CDOM 
is also found in deep waters it has been suggested to be actively transported globally through 
large-scale processes including upwelling [Nelson et al., 2004]. The redox active fraction of 
CDOM, which can easily exchange electrons, has been attributed to quinone moieties which 
can shuttle between different redox states [Scott et al., 1998]. Quinones react rapidly with 
superoxide [Bielski et al., 1985] and have been suggested to be the potential reactants in 
seawater [Goldstone and Voelker, 2000]. 
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Reactivity of superoxide with trace metals in the open ocean 
Inorganic complexes of Cu(II)/Cu(I) and Fe(II)/Fe(III) can react rapidly with 
superoxide leading to a catalytic cycle for O2- decay [Voelker et al., 2000]. Reactions of 
metals with O2- are critical because of their potential to keep metals in thermodynamically 
unfavoured oxidation states under ambient seawater conditions. In seawater reactions with O2- 
are suggested to be the source of Cu(I) and Fe(II) in sun lit open ocean surface waters [Miller 
et al., 1995; Millero et al., 1987; Voelker and Sedlak, 1995]. More recently reactions with O2- 
were invoked as a contributing cause for the persistence of Fe(II) during Southern Ocean iron 
enrichment experiments [Croot et al., 2008; Croot et al., 2001; Croot et al., 2005]. 
 
Relevance of superoxide to trace metal biogeochemistry 
Marine Biogeochemistry of Iron 
Iron is an essential nutrient for all aquatic organisms and has been subject of extensive 
investigations over the last few decades due to its role in limiting primary productivity in the 
High Nutrient Low Chlorophyll (HNLC) regions of the ocean [Behrenfeld and Kolber, 1999; 
Hutchins et al., 1998; Martin and Fitzwater, 1988; Martin et al., 1991; Martin et al., 1994]. 
Studies on iron limitation have increased our understanding of the speciation of the Fe(III) 
and Fe(II) redox states in seawater, the mechanisms of transformation between these two 
species and their bioavailability. Fe(III) is the thermodynamically favored form of iron under 
seawater conditions but undergoes rapid precipitation or particle scavenging in the formation 
of various Fe(III) oxyhydroxide phases with differing chemical reactivities [Kuma et al., 
1996]. It is for this reason that the growth of phytoplankton is limited due to the low 
concentrations of dissolved iron and the slow kinetics of exchange of iron from particles. 
Dissolved Fe(III) has been shown to be complexed by strong ligands, produced by bacteria or 
phytoplankton, which help to increase the solubility of iron in seawater [Rue and Bruland, 
1995].  
The reduced form of iron, Fe(II), is highly soluble in seawater but is rapid oxidized to 
Fe(III) through oxidation via H2O2 or O2 [González-Dávila et al., 2006]. The reduction of 
Fe(III) to Fe(II) by photochemical [Kuma et al., 1992] or other processes, including direct 
reduction by O2-, are possible mechanisms by which particulate or complexed iron can be 
made more bioavailable. In the warm surface waters of tropical regions, Fe(II) is expected to 
be a short lived intermediate in the iron cycling due to the fast kinetics of oxidation with H2O2 
and O2. Laboratory studies however have indicated that reactions with O2- may help to 
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maintain a significant steady state Fe(II) concentration in surface waters [Voelker and Sedlak, 
1995]. 
 The supply of iron to the productive surface waters of the open ocean is predominantly 
through two main pathways: (I) Aeolian deposition [Jickells et al., 2005] and (II) upwelling of 
deep waters [de Baar et al., 1995] including mixing of iron rich water from the benthos [Blain 
et al., 2007; Pollard et al., 2009]. Iron has a relatively short residence time in the surface 
ocean due to combination of low solubility and high biological demand [Croot et al., 2004; 
Jickells, 1999]. 
 
Marine Biogeochemistry of Copper 
Copper is also an essential micronutrient in the ocean but it is also toxic for most 
marine organisms [Brand et al., 1986]. The dominant phytoplankton species in oligotrophic 
tropical waters, Synechococcus [Waterbury et al., 1979; Waterbury et al., 1986] and 
Prochlorococcus [Olson et al., 1990] have been found to be extremely sensitive to free Cu(II) 
concentrations above 1-10 pmol L-1 [Brand et al., 1986; Mann et al., 2002]. In seawater 
dissolved copper is strongly complexed by organic ligands resulting in low free Cu 
concentrations [Moffett, 1995]. These copper complexing ligands are believed to be of 
biological origin as they are produced either passively or actively by organisms in response to 
Cu stress [Croot et al., 2000; Moffett and Brand, 1996]. 
In oxygenated seawater the thermodynamically favored redox state of Cu is Cu(II), 
significant concentrations (pM) of Cu(I) may be present in surface waters [Moffett and Zika, 
1988]. In general Cu(I) oxidation in the open ocean is believed to be controlled through 
oxidation by O2 as the reaction with H2O2 is significantly slower under typical open ocean 
conditions [Moffett and Zika, 1988]. 
Copper can be supplied to the surface waters of the open ocean by a variety of natural 
pathways: (1) Atmospheric deposition. (2) Advection of suspended material from coastal 
regions. (3) Upwelling and mixing from deep water. Residence time estimates for copper in 
the ocean range from 2-50 years for surface waters and 1500-5000 years for deep waters 
[Boyle and Edmond, 1975]. 
 
Aeolian supply of trace metals to the ocean 
The main external input of trace elements to the ocean is through aeolian dust 
transport from the great deserts of the world [Jickells et al., 2005] in concert with the global 
wind regime (Figure 4). Importantly the average particle size decreases with distance from the 
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desert source of the aeolian minerals although some large particles (>20 µm) can be 
transported over long distances [Mahowald et al., 2005]. Studies of Saharan dust have shown 
that the particle diameter decreased from ~7-28 µm at the coast of West Africa [Stuut et al., 
2005] to 1-3 µm in Caribbean waters [Talbot et al., 1986].  
 
Figure 4: Dust fluxes to the world oceans based on a composite of three published modeling 
studies [Jickells et al., 2005]. 
 
The total aeolian flux of desert dust to the surface waters of the oceans is relative well 
constrained but the fraction which subsequently dissolves for metals like iron or copper and 
which is then available for the growth of phytoplankton is not well known at present. Global 
models assume that only 1-2% of the aerosols which are transported to the ocean are 
converted into dissolved iron in seawater. However field measurements show a much wider 
range of values depending on the dust loading and source [Baker and Jickells, 2006; Baker 
and Croot, 2008]. 
Observations of temporal changes in the concentration of dissolved iron show that the 
input through dust must be significantly higher than the model results [Sedwick et al., 2007]. 
In the Southern Hemisphere the dust deposition is significantly lower than in the Northern 
hemisphere due to the lack of land masses to act as source regions. In the tropical Atlantic 
which receives high dust fluxes, iron is found in relatively high concentrations in the surface 
waters, and the particle fluxes to the deep waters are also dominated by dust inputs [Croot et 
al., 2004; Kremling and Streu, 1993].  
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Photoreduction of particulate iron  
The conversion of different iron phases to labile and bioavailable iron through 
photoreductive mechanisms has been proposed from a combination of field and laboratory 
studies [Johnson et al., 1994; Waite and Morel, 1984; Wells and Mayer, 1991]. Most notably   
the photoreductive dissolution of poorly soluble iron(III) minerals such as goethite or 
hematite has been observed [Borer et al., 2009b; Siffert and Sulzberger, 1991]. These 
experiments found a light induced reduction of surface Fe(III) at the hydr(oxide) surface and a 
consequent oxidation of surface coordinated water or hydroxyl groups which lead to the 
production of Fe(II) and OH radicals, finally yielding H2O2 [Cunningham et al., 1988; Waite 
and Morel, 1984]. Further studies have shown that strong iron binding ligands, including 
siderophores such as desferrioxamine B, enhanced the photoreductive dissolution [Borer et 
al., 2009a; Borer et al., 2009b]. It is generally accepted that organic ligands which may 
contain humic or fulvic substances or hydroxycarboxylic and carboxylic acids efficiently 
promote the photoreductive dissolution of Fe(III) phases [Kuma et al., 1995; Voelker et al., 
1997].  
Using published and experimental data for iron oxy(hydr)oxides, Sherman  [2005] 
showed it is possible to predict the electrochemical bands in aqueous solution as a function of 
pH. Under seawater pH (8.3) the direct photoreduction of colloidal iron results in nanomolar 
concentrations of dissolved and free Fe(II). This study states that organic ligands may 
promote the photochemical dissolution simply because they prevent the recombination at the 
oxide surface caused by an electron hole. These electron holes appear through excitement 
caused for example by sunlight and the resultant skip of electrons from the valence into the 
conduction band. To understand thermodynamic driving forces for photochemical reductive 
dissolution processes it is important  to know the electrochemical potentials of the valence 
and conduction bands relative to the standard electrochemical potentials of the for example 
Fe(II)/FeOOH redox couple. However complexation of dissolved Fe(II) by strong ligands like 
siderophores is required to allow the further dissolution of colloidal iron. Currently however, 
it is unclear how ROS species such as O2- and H2O2 may affect this process.  
 
The role of Organic Complexes in solubilizing Iron in Seawater 
It is well known that siderophores play an important role in the acquisition of iron by 
bacteria [Neilands, 1981]. Siderophores are low-molecular-weight organic ligands with a high 
affinity for iron [Neilands, 1995]. The iron binding groups are mostly hydroxamate or 
catecholate but also α-hydroxycarboxylate and carboxylate groups [Sayyed and Chincholkar, 
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2006]. Hydroxamate functional groups form solution complexes with Fe(III) by a loss of a 
proton from the hydroxylamine (-NOH) group whereas catecholate groups bind via the 
phenolic oxygen after the loss of two protons. Both forms end up in five membered rings 
[Crumbliss, 1990] and most of the siderophores are hexadendate ligands and form 1:1 
complexes with iron [Kraemer, 2004]. The concentration of siderophores in most natural 
systems is low and it has been calculated that the production by marine cyanobacteria is a 
costly strategy in terms of cellular nutrient and energy budgets [Volker and Wolf-Gladrow, 
1999]. The most well studied siderophore is Desferrioxamine B (DFO) because of its 
commercial availability. The widespread use of DFO makes it to a useful reference but it is 
difficult to estimate how well DFO represents the full spectrum of the approximately 500 
known siderophore structures [Kraemer, 2004]. It has been shown that siderophores have a 
strong kinetic effect on the dissolution of iron containing minerals [Carrasco et al., 2007; 
Kraemer et al., 2005]. The iron oxide dissolution initiated by siderophores is a surface 
controlled mechanism via a proton- or ligand- promoted mechanism [Kraemer et al., 2005]. 
The absorption of the siderophore on the mineral surface is the first necessary step but also 
lowers the concentration of siderophores in the solution what may therefore decrease the 
effect on iron solubility. Borer et al. [2007; 2009a] showed that more iron was dissolved when 
a combination of siderophore and oxalate was used. The addition of surface-active agents 
(surfactants), which may be produced by bacteria, has also been shown to enhance dissolution 
of iron oxides [Carrasco et al., 2007].  
 
Photoreduction of Iron Organic Complexes in Seawater 
High Fe(II) concentrations in oxic seawater observed during phytoplankton blooms 
have been suggested to arise from the photoreduction of Fe(III) organic compounds [Kuma et 
al., 1992; Öztürk et al., 2004]. Several laboratory studies have tested various dissolved 
organic substances like gluconic or citric acid or humate and fulvic compounds which are 
known to be released from phytoplankton or present in seawater [Kuma et al., 1992; Voelker 
and Sulzberger, 1996; Voelker et al., 1997]. Photoreduction of Fe(III)-fulvic acid and citrate 
are strongly influenced by pH, and although Fe(III)-humate and Fe(III)-oxalate are easily 
photoreduced in acidic waters this process is not expected to occur at the normal pH of 
seawater. It has been found that Fe(III) is rapidly photoreduced by sunlight in the presence of 
hydroxycarboxylic acids like glyceric, gluconic, glucuronic, glucaric and tartaric acids which 
are oxidation products of sugars [Kuma et al., 1995]. The oxidation of glucose for example 
forms gluconic and glucuronic acid and these substances have been found in high 
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concentrations in surface waters during a spring bloom in Funka Bay (Japan) with a 
coincident elevated Fe(II) concentration [Kuma et al., 1992].  
 
Processes involved in the dissolution of Saharan dust in seawater 
 Figure 5 below summarizes the major pathways and iron species identified in the 
solubilization of Saharan dust to dissolved iron in seawater as described above. Superoxide is 
suspected to play a role in converting both particulate and soluble Fe(III) to the more 
bioavailable Fe(II). 
 
Figure 5: Main reaction pathways for superoxide with dust, iron (Fe) and ligands (L) 
considered in this work 
 
Previous studies on dust dissolution regarding the potential effect 
of superoxide on this process 
Laboratory studies 
 Recently Fujii et al. [2006] conducted a study on the kinetics of the O2- mediated 
dissolution of amorphous ferric oxyhydroxides (AFO) in seawater. They followed the rate of 
formation of Fe(II) by complexing it with the strong Fe(II) complexing agent Ferrozine 
[Stookey, 1970]. Fujii et al gave particular attention to the effect of aging and concentration of 
the AFO on the rate of the O2- mediated dissolution process. They observed that the ferrous 
production rates decreased with aging which they suggested occurred because of changes in 
the chemical and physical properties of the AFO which affected the reactivity of inorganic 
ferric species with O2-. From modeling work they indicated that thermal dissolution of the 
AFO was an important aspect of this process. They suggested that O2- plays a role in the 
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dissolution of newly formed AFO but they could not clearly demonstrate what its significance 
is in the natural environment. 
Kustka et al. [2005] reported in their laboratory studies using cultures of marine 
diatoms, that  in their EDTA-buffered media, which contained about 45 pM of inorganic 
Fe(III), that over half the Fe(III) reduction was mediated by extracellular O2- production. 
Surprisingly they found no effect by either the addition of an O2- sink (Superoxide dismutase, 
SOD) or source (Xanthine/Xanthine oxidase) on the Fe uptake in these cultures. Interestingly 
they also found no effect of the enzyme SOD on the uptake of Fe from either ferrihydrite or 
from a Fe-labeled porphyrin. They concluded from their data that the Fe(II) formed in their 
experiments by O2- proceeded via the reduction of Fe(III) rather than by the reduction and 
dissociation of FeEDTA complexes. They also noted that the newly formed Fe(II) by O2- is 
rapidly reoxidized to Fe(III) in pH 8 oxygenated seawater and that the majority of the iron 
was reoxidized before uptake by the diatoms. 
 
Dust dissolution experiments in the Mediterranean 
Wagener et al. [2008] showed in a field study conducted over one year in the 
Mediterranean Sea that natural iron binding ligands affect the dissolution rates of dust 
particles when they enter the sea surface. This study also claimed that the determination of the 
concentration of iron binding ligands by voltammetry [Croot and Johansson, 2000] was no 
better than using DOC as a parameter to follow this process. This study also suggested that 
photochemistry seemed to play a significant role in the bioavailability of the organically 
complexed Fe as suggested previously [Barbeau et al., 2001].  
 
Model studies 
 A model study by Weber et al. [2005] tried to analyze the redox cycle of Fe between 
its various physical (dissolved, colloidal, particulate) and chemical (redox state and organic 
complexation) forms in the top 500 m of the water column. This model implied dust 
deposition rates, mixed layer depth and solar radiation measurements from the Bermuda 
Atlantic Time-series Study (BATS) and proposed to give a quantitative assessment how the 
cycling of iron influences its uptake by phytoplankton. This study proposed that the cycling of 
iron mostly occurs in the mixed layer due to light dependency on the photoreduction 
processes and the seasonal variation of primary production. It was concluded that O2- is 
responsible for driving the photochemical cycle and in turn its availability was assumed to be 
dependent on the concentration and speciation of copper in the water column. This model of 
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biogeochemistry and speciation of Fe was coupled with the General Ocean Turbulence Model 
(GOTM) and a NPZD-type (Nutrient-Phytoplankton-Zooplankton-Detritus) ecosystem model 
to improve the knowledge of the temporal patterns and vertical profiles of dissolved Fe 
[Weber et al., 2007]. This one-dimensional model of Fe biogeochemistry was later extended 
for use at the Tropical Eastern North Atlantic Time Series Observatory (TENATSO) with a 
more complex description of the origin and fate of organic ligands and inclusion of  particle 
aggregation and sinking [Ye et al., 2009]. The profile of dissolved iron was found to strongly 
be influenced by the abundance of organic ligands. This study also suggested that the high 
dust deposition at the TENATSO site delivers on the one hand a high input of Fe into surface 
waters, while on the other hand it provides inorganic particles which might be responsible for 
Fe scavenging and particle aggregation.  
 
STUDY REGIONS 
SOPRAN in Cape Verde and the TENATSO site 
The eastern tropical and subtropical Atlantic Ocean is considered to be a key region 
for observations of global climate and environmental changes. The Cape Verde archipelago 
(Figure 6) is situated in the middle of this region adjacent to the West African coast and the 
upwelling region that is located there but also it lies directly below the path of Saharan dust 
that is transported from Africa to the Atlantic Ocean. This high input of Saharan dust has a 
crucial impact on marine microorganisms, CO2 fixation and the production of climate and 
radiatively relevant trace gases. Atmospheric dust has long been identified as a source of 
nutrients to the ocean (Figure 4) and is likely the dominant source of iron to this region 
[Jickells et al., 2005]. Additionally the spectral energy of the solar radiation is also influenced 
by dust and aerosols which can have an impact on light dependent processes in the euphotic 
zone with resulting effects on biological productivity and photochemical reactions.  
 Primary productivity in the oligotrophic eastern tropical Atlantic is strongly limited by 
the availability of fixed nitrogen, with the exception of the Mauritanian upwelling zone close 
to the West African coast [Pradhan et al., 2006]. In the absence of upwelled sources of 
nitrogen, much of the primary productivity of the oligotrophic North East Atlantic is 
apparently driven by nitrogen fixing cyanobacteria [Voss et al., 2004], including the well 
known species Trichodesmium [Tyrrell et al., 2003], which utilize the enzyme nitrogenase 
[Chen et al., 1998]. Indeed recent work has shown that the nifH gene, which can be used as 
marker for nitrogenase using species, is widespread in this region [Langlois et al., 2005]. 
Nitrogen fixation in this region has been shown via bioassay experiments to be limited by 
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phosphorous [Sañudo-Wilhelmy et al., 2001], iron [Moore et al., 2009] and both iron and 
phosphorous [Mills et al., 2004].  
 
Figure 6: Bathymetric map of the Tropical North Atlantic showing the location of the Cape 
Verde archipelago and the TENATSO site (orange/yellow hexagon). (insert) The Cape Verde 
archipelago and the location of the TENATSO site (orange/yellow hexagon).  
 
The Cape Verde Islands are particulary interesting as their location is under the main 
dust transporting pathway but they are close enough to the African continent to identify the 
dust source regions in the Sahara desert and Sahel. Chiapello [1995] measured dust fluxes at 
an aerosol monitoring station on Sal, Cape Verde, between December 1991 and December 
1994 in order to assess the transport processes of the African dust over the North-Eastern 
Tropical Atlantic. This study found a distinct seasonal pattern which showed maximum dust 
input during December and January (Figure 7). The meteorological analysis at this time 
suggested that the dust transport occurred in the trade winds and at low altitudes. The 
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capacious amount of dust was carried out of North-Western Africa, in particular from the 
Sahel.  
 
Figure 7: (left) Monthly arithmetic mean of mineral dust concentration at the surface level at 
Sal, Cape Verde [Chiapello et al., 1995], (right) The formation of the Saharan Air Layer 
(SAL) over Western Africa [Karyampudi et al., 1999]. 
A later study examining Saharan aerosols, via their effect on the aerosol optical depth 
(AOD), across West Africa and the Eastern Atlantic regions [Karyampudi et al., 1999] was 
able to use back trajectory calculations to show a characteristic anti-cyclonic rotation of the 
dust plume over the eastern Atlantic as it moved from its source regions in West Africa. 
Backscattering profiles and optical depth were analysed to investigate the general feature of 
the dust plume and its geographic variation in optical thickness. This analysis was used to 
develop aspects of a conceptual Saharan dust plume model (Figure 7) in which a warm dry air 
mass, known as the Saharan Air Layer (SAL), uplifts dust and transports it over the Eastern 
Atlantic. The presence of the SAL has been suggested to hinder the formation of hurricanes in 
this region [Karyampudi and Pierce, 2002]. 
The Cape Verde islands represent a unique location to observe these processes. 
Despite the scientific relevance of this region, logistical factors have previously handicapped, 
or prevented, a sustained high quality research and measurement program. In the last few 
years a considerable effort has been invested into the establishment of a long term 
observatory, TENATSO (Tropical Eastern North Atlantic Time Series Observatory), with 
continuous and comprehensive measurements of important biological, chemical and physical 
processes in both the atmosphere and the ocean. To answer complex scientific questions 
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requires long term studies which in turn demand strong local support and the oceanographic 
work in this thesis and other SOPRAN work has benefitted from cooperation with the 
Instituto Nacional de Desenvolvimento das Pescas (INDP) in Mindelo on Sao Vicente (Cape 
Verde).  
 
The Southern Ocean at Drake Passage 
 During the course of this thesis work the opportunity arose to participate in the IPY-
GEOTRACES Polarstern expedition, ANTXXIV-3, along the Zero meridian and across the 
Weddell Sea and Drake Passage (Figure 8). On this expedition Cu speciation and hydrogen 
peroxide measurements were performed (Manuscripts in preparation) and superoxide decay 
rate experiments were made in the Drake Passage (Chapter 5).  
The Southern Ocean is an important component of the global climate system, particularly in 
its role in buffering heat and atmospheric CO2 and in the formation of Antarctic Bottom 
water. The Southern Ocean is the largest of the HNLC regions on the globe; the high levels of 
nitrate (and phosphate) south of the Polar Front that persist have suggested many potential 
limiting processes for the low biomass maintained [Smetacek et al., 1997], with iron 
limitation the most likely as was demonstrated during expeditions such as SOIREE [Boyd et 
al., 2000]. In the Southern Ocean, the complex relationships between iron, light and mixed 
layer depth create a dynamic environment, which control phytoplankton biomass, upon which 
the presence of grazers exert a further influence. 
 
Figure 8: Cruise Track of ANTXXIV-3 
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As explained previously the Southern Ocean is a region of low dust supply (Figure 4) 
and is an HNLC region and thus provides a contrast to the main study region of the Tropical 
Atlantic with which to observe regional effects on O2- reactivity in the global ocean.  
 
Materials and Methods 
Sampling Platforms at Sea 
For the Cape Verde work all sampling was performed using the INDP research vessel 
R.V. Islandia (Figure 9). The Islandia was originally a fishing vessel but has over the course 
of this thesis work been slowly converted into a modern oceanographic research vessel. 
Southern Ocean work was performed using the German research ice breaker R.V. Polarstern 
(Figure 9) which is administered by the AWI (Alfred Wegener Institut in Bremerhaven). 
 
Figure 9: (left) The RV Islandia in the Tropical waters near Sao Vicente, Cape Verde  (right) 
and the R.V. Polarstern breaking ice in the Weddell Sea 
 
Trace Metal Clean Sampling at Sea 
 Sampling for trace metals at sea from any platform is complicated by the risk of 
contamination, particularly for iron, due to the steel constructions of shipping vessels and the 
ever presence of rust particles. In order to eliminate contamination during sampling, most 
notably for the work on the Islandia, a number of different sampling systems were employed 
in this thesis work and a brief description is provided in the following section. 
 
MITESS – Moored In-situ Trace Element Serial Sampler  
 Due to the difficulties of obtaining trace metal clean samples from such a small 
research vessel as the Islandia for this work two Automated Trace Element (ATE) samplers 
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were purchased from Dr Ed Boyle at Massachusetts Institute of Technology (MIT). The ATE 
is a single-sample module of MITESS [Bell et al., 2002] that was developed to allow 
personnel at the Bermuda Atlantic Time Series (BATS) and Hawaii Ocean Time Series 
(HOTS) to collect uncontaminated mixed-layer trace metal samples. The ATE (Figure 10) is 
constructed from Teflon and contains a stepper motor that can be programmed, via an IR 
wand, to open and close the sampler at different times. A 500 mL high density polyethylene 
(HDPE) (Nalgene) wide mouth sampling bottle is contained within the ATE and this is filled 
with seawater once the sampler is opened underwater. The ATE was deployed from the 
Islandia’s J-frame using a Kevlar line, weighted down by 40 kg of plastic encased lead 
weights, to the required sampling depth prior to the pre-programmed opening time and then 
recovered after the time the sampler should have closed. Once returned to the laboratory at the 
INDP in Mindelo the sampler was placed in a laminar flow hood (Air-Clean 600), the 
sampling bottle was removed from the ATE, filtered into another 500 mL HDPE sampling 
bottle and acidified for later analysis in the laboratory in Kiel.  
 




 Large volume trace metal clean surface water samples were obtained when working on 
the Islandia using a towed fish sampling system (Figure 11). Surface sampling was performed 
by pumping seawater into the shipboard container through a tube attached to a towed fish. 
Contamination from the ship was minimized by towing the fish at ~ 5m distance alongside the 
ship with the crane arm of a hydrographic winch (J-frame), keeping it outside the ship’s wake 
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as far as possible. The fish is a 1m long solid stainless steel, epoxy coated torpedo of 50 kg 
with three fins at the tail. The sample tubing consisted of 15m of Bev-a-line IV (Excelon) 
tubing (1/2 inch outside diameter) which was connected to the fish at one end and to an 
Almatec A-15 Teflon diaphragm pump at the other. The diaphragm pump was driven by 
compressed air supplied by a Jun-Air 300 compressor. Collection of all samples took place 
within the 10’ research container that is located on the trawl deck of the Islandia. The walls of 
the research container were lined with clean plastic bags in order to turn it into a pseudo clean 
room as no HEPA filtered laminar flow cabinets are available onboard the Islandia. The 
tubing was attached with tape and tie-wraps to the fish and the stainless steel hydrowire 
deployed from the J-frame. Prior to deployment the tubing had been extensively cleaned with 
0.1M HCl and rinsed with MQ water. Filtered seawater was obtained in-line at a flow rate of 
2-3 L min-1 through a Sartorious Sartobran PH filter cartridge (0.4µm prefilter and 0.2 µm 
final filter). Unfiltered seawater was obtained directly from the outlet of the diaphragm pump. 
 




During the work performed on the Islandia in May 2009, seawater samples from the 
upper water column (0-100 m) were obtained using trace metal clean Teflon lined GO-FLO 
samplers (General Oceanics, Miami, USA) deployed on a Kevlar line (identical to the one 
used for the MITESS sampling above). On larger research ships the GO-FLOs would be 
transferred into a class 100 clean container prior to sampling. As this is not possible presently 
on the Islandia, samples were maintained in the GO-FLOs until the ship returned to Mindelo 
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where they could be transferred to the IFM-GEOMAR 20’ clean container that was deployed 
at the INDP during this period. The collected seawater was filtered through an 0.2 µm 
membrane filter (Sartorius) under nitrogen overpressure (0.2 – 0.3 bar) into 125 or 1000 mL 
acid cleaned LDPE bottles (Nalgene) for later analysis for trace metals or into 1000 mL acid 
cleaned Teflon bottles (Nalgene) for superoxide experiments. 
 
The TITAN Sampling System of the NIOZ 
For the work performed during ANTXXIV-3 trace metal clean water samples were 
obtained using the TITAN system (Figure 12) belonging to the NIOZ (Netherlands Institute 
for Sea Research) [de Baar et al., 2008]. In brief this is a complete trace metal clean CTD 
constructed from titanium with a standard Seabird CTD system and using 24 trace metal clean 
GO-FLO samplers for the water collection. The NIOZ system also includes a separate trace 
metal clean container which is solely used for collecting water samples from the sampling 




Figure 12: The TITAN sampler with a full complement of 24 GO-FLO bottles deployed from 




ROS (Reactive Oxygen Species) are present at very low concentrations in the open 
ocean. The lifetimes of ROS, with the exception of hydrogen peroxide and organic peroxides, 
are very short (µsec to sec). Moreover, the measurements of ROS in the field require 
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sensitive, rapid, robust, simple and transportable instruments. Flow injection methods are 
typically best suited for work at sea, either in a discrete mode (sample injection loop of 
sample into reagent flow) or as a continuous signal (continuous mixing of reagent and 
sample). Quantitative work on O2- in seawater has been seriously handicapped by the lack of a 
simple and reliable method to produce the radical at a constant and accurately known rate. 
Manuscript I of this thesis presents information on both sources and detection methods 
currently being used for seawater measurements of O2- and their strengths and weaknesses.  
For O2- measurements in this thesis I adapted an existing chemiluminescence analysis 
method which utilizes the reagent [2-methyl-6-(4-methoxyphenyl)-3,7-dihydroimidazo[1,2-
a]pyrazin-3-one HCl] (MCLA) [Nakano, 1998; Oosthuizen et al., 1997; Pronai et al., 1992; 
Tampo et al., 1998]. The mechanism and specificity for the reaction of MCLA and O2- is well 
described [Kambayashi et al., 2003] and for the present work MCLA was found to be the best 
analytical technique currently available. 
 
 
Figure 13: Chemiluminescence flow injection analysis (FIA) system as used for superoxide 
decay rate experiments during ANTXXIV-3. The same equipment is also used for the analysis 
of Fe(III), Fe(II) and H2O2 (see below). 
 
In brief, for O2- determination the sample and the MCLA reagent were applied directly 
into the flow cell of an FeLume chemiluminescence analyzer (Waterville Analytical, Maine, 
USA) using a peristaltic pump (Gilson Minipuls 3, operating at 18 rpm,) with the sample line 
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being pulled through the flow cell as this leads to the smallest amount of dead time in the 
system (typically 2-3 s). The typical setup for the instrument is shown in Figure 13. Two new 
FeLume instruments were purchased for work in Cape Verde. We adapted our existing 
LabviewTM (National Instruments) software to make new programs to specifically run the 
equipment for real time analysis of O2-. 
 
Calibrating Superoxide concentrations and fluxes 
As superoxide is a transient species and highly reactive it is not a trivial task to 
accurately quantify in seawater. In this study the appropriate numerical tools were developed 
and a number of superoxide sources and methods for the purposes of calibrating O2- 
concentrations and/or fluxes specifically in seawater were investigated. The superoxide 
thermal source bis(4-carboxybenzyl)hyponitrite (SOTS)-1 was found easy to employ as a 
reliable source of O2- which could be successfully applied in seawater. More information 
about the work with this superoxide thermal source and also on the findings with already 
existing sources and methods can be found in the first manuscript of this thesis which 
summarizes the laboratory work which was conducted during this thesis.  
 
Measuring Superoxide decay rates 
  The approach performed in this study is based on measuring the decay rate of known 
quantities of added O2- (as KO2) to seawater. O2- is detected via its chemiluminescence 
reaction with MCLA (see above). For the present work an experimental setup similar to that 
used in nutrient bioassay experiments [Mills et al., 2004] was adopted by which a number of 
experimental treatments are utilized: (i) Control – reaction with unmodified seawater. (ii) 
Metal free reaction – this is achieved by complexation of trace metals in solution with DTPA, 
(iii & iv) addition of Cu(II) to the seawater to form a titration series with the control (this 
approach was also used in a  previous study [Voelker et al., 2000]) and (v & vi) addition of 
Fe(III) to the seawater to form a titration series with the control.  
 
Coloured Dissolved Organic Matter Absorbance 
CDOM measurements were performed using a LWCC-2100 100 cm pathlength liquid 
waveguide cell (World Precision Instruments, Sarasota, FL, USA) and an Ocean Optics 
USB4000 UV-VIS spectrophotometer in conjunction with an Ocean Optics DT-MINI-2-GS 
light source. Samples were syringe filtered through 0.2 µm filters (Sarstedt), the first 10 mL 
were discarded and the absorbance measured by direct injection into the LWCC. Absorbance 
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measurements were made relative to MQ water and corrected for the refractive index of 
seawater based on the procedure outlined in Nelson et al. [2007]. The resulting dimensionless 
6 optical density spectra were converted to absorption coefficient (m-1): aCDOM(λ) = 2.303 
A
λ
/l, where 2.303 converts decadal logarithmic absorbance to base e, and l is the effective 
optical pathlength of the waveguide (here 103.8 ± 0.5 cm as determined by the manufacturer). 
 
Determination of H2O2 by Flow Injection Analysis (FIA) 
In the present work H2O2 was measured using a flow injection chemiluminescence 
(FIA-CL) reagent injection method [Yuan and Shiller, 1999]. In brief, the chemiluminescence 
of luminol is catalysed by the reaction of H2O2 present in the sample with Co2+ at alkaline pH. 
H2O2 standards were made by serial dilution from a primary stock solution (30% Fluka - 
Trace Select). The concentration of the primary standard was determined by direct 
spectrophotometry of the solution (ε = 40.9 mol L-1 cm-1, [Hwang and Dasgupta, 1985]). 
Secondary standards (~100 µM) were also analysed spectrophotometrically using Cu(II) and 
2,9-dimethyl-1,10-phenanthroline [Kosaka et al., 1998]. Sample concentrations were 
corrected daily for the reagent blank [Yuan and Shiller, 1999] and for H2O2 in the ultrapure 
water (20-60 nmol L-1). Samples were analysed using 5 replicates: typical precision was 2-3% 
through the concentration range 1-300 nM, the detection limit (3σ) was typically 0.2 nmol L-1. 
 
Determination of Dissolved Iron by FIA 
The dissolved Fe concentration was measured in the laboratory in Kiel with an 
established luminol chemiluminescence flow injection analysis (FIA) method [de Jong et al., 
2000; Obata et al., 1993]. Discrete samples for dissolved iron were taken in 100 mL clean 
polyethylene bottles (Kartell) and acidified to pH 1.8 with triple quartz distilled (3QD) 
concentrated hydrochloric acid (1 ml l-1). All sample bottles had been cleaned by leaching in 
hot (60° C) 6M HCl for at least 24 hours followed by ample rinsing with Milli-Q (MQ) water.  
 
Determination of Trace Metals by Graphite Furnace Atomic Absorption 
Spectrophotometry (GFAA) 
Samples were analysed according to the method described in Grasshoff [1999] and 
Kremling and Streu [2001]. For the analysis of Cd, Co, Cu, Fe, Ni, Pb and Zn, 300–500 g 
portions of the samples were subjected to a simultaneous dithiocarbamate–Freon extraction 
modified from the procedure by Danielsson et al. [1978] implying maximum concentration 
factors of 500. The final extracts with the metals were measured by electrothermal atomic 
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absorption spectrometry with Zeeman background correction (ETAAS; Perkin-Elmer Model 
4100 ZL). Accuracy and precision was evaluated using both the certified reference material 
NASS-5 or the SAFe intercalibration sample [Johnson et al., 2007]. 
 
Iron Solubility Measurements using 55Fe  
The radioisotope 55Fe is a weak beta emitter with a half-life of 2.7 years. Fe solubility 
measurements were performed using the radioisotope, 55Fe (Hartmann Analytics, 
Braunschweig, Germany). The experimental setup was adapted from Nakabayashi et al. 
[2002] and Kuma et al. [1996]. The 55Fe isotope had a specific activity of 157.6 MBq/mg Fe, 
a total activity of 75MBq, and was dissolved in 0.1 M HCl. 55Fe dilution standards were 
produced with MQ water and acidified with quartz distilled (QD) HCl to a pH below 2. 
After the addition of 55Fe (t0 = 0h; total Fe FeT = 20 nmol L-1; pH 7.9) to each sample, 
a small subsample was immediately filtered through a 0.02 µm Anotop syringe filter 
(Whatman) and acidified with (QD) HCl, to keep the Fe from adsorbing to the bottle walls 
[Fischer et al., 2007; Schlosser and Croot, 2008]. Duplicates of the unfiltered and 0.02 µm 
filtered samples (400 µL) were transferred into 6 mL vials to which 4.5 mL of scintillation 
fluid (Lumagel Plus®) were then added. This procedure was repeated for subsamples taken at 
later times. Sample storage, treatment and measurement were performed at room temperature 
(20°C). The activity of the 55Fe solutions was determined by scintillation counting (Packard, 
Tri-Carb 2900TR) and then converted to soluble Fe concentrations, taking into account the 
activity of the added isotope solution and the in-situ dissolved Fe concentration of each 
sample.  
 
Aerosol Optical Thickness – Microtops and Aerosol Robotic Network 
(AERONET) measurements 
 The Maritime Aerosol Network (MAN) [Smirnov et al., 2009] has been developed as a 
component of the Aerosol Robotic Network (AERONET). MAN deploys Microtops Sun 
photometers and utilises the calibration procedure and data processing traceable to 
AERONET. The Microtops Sun photometer is a handheld device specifically designed to 
measure columnar aerosol optical depth and water vapor content [Morys et al., 2001]. The 
direct Sun measurements are acquired in five spectral channels within the spectral range 340–
1020 nm. The bandwidths of the interference filters vary from 2 to 4 nm (UV channels) to 10 
nm for visible and near infrared channels. During the course of this work I undertook 
Microtops measurements on Islandia and Polarstern expeditions (Figure 14). 
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Figure 14: The Author performing Microtops measurements for the MAN during an Islandia 
expedition in July 2008. 
 
Airmass back Trajectories and Satellite Chlorophyll Estimates 
 Satellite data was routinely used in this work to determine the sources of dust to the 
study sites via back trajectory analysis (HYSPLIT), and to examine changes in surface ocean 
chlorophyll (NASA Ocean Color: using MODIS TERRA and AQUA and SEAWIFs 
satellites). For back trajectory analysis, the air masses sampled were classified according to 5-
day back trajectories calculated for arrival heights of 10, 500 and 1000 m above the ship’s 
position (NOAA Air Resources Laboratory HYSPLIT model, FNL data set). Ocean Color 
data was accessed via the Ocean Color Time-Series Online Visualization and Analysis 
System (http://reason.gsfc.nasa.gov/Giovanni/), based on the GES-DISC Interactive Online 
Visualization and Analysis Infrastructure (Giovanni) which was developed by GES DISC to 
provide users with an easy-to-use, web-based interface for the visualization and analysis of 
the Earth Science data. 
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Participation in Scientific Expeditions during this work 
At the start of SOPRAN phase I it was hoped that we would be able to conduct studies 
at the TENATSO time series station at three different times, the dry, rainy and high dust input 
(January) season, during the first three years of the fund of this project. Unfortunately, in 
2007 the research vessel, R. V. Islandia, which was key to achieving this goal, was still under 
going major repairs and at the time of our first trip to Cape Verde in July 2007 the ship was in 
the dry dock and lacked an interior. The purpose of this visit then became an exercise in 
building up and fitting out the interior of the new TENATSO laboratory at the INDP. At this 
time we were able to obtain a first idea of the logistical challenges that arise with working in 
the Cape Verde islands and importantly we made the first social contacts and could test and 
obtain the first data for ROS from water close to the shore of Sao Vicente while 
simultaneously conducting light measurements over the course of the day.  
As the Islandia was still not seaworthy at the beginning of 2008 I had the opportunity 
to participate in the IPY-GEOTRACES expedition ANTXXIV-3 to the Antarctica with the 
German icebreaker R.V. Polarstern along the zero Meridian, to the Neumayer station, through 
the Weddell Sea and Drake Passage to Punta Arenas in Chile. During this cruise my role was 
to measure the concentration of H2O2 throughout the water column and to help determining 
Titanium and Copper speciation while also testing a new sampling strategy we had set up to 
follow superoxide kinetics in the Southern Ocean.  
In July 2008 finally we were able to obtain our first real field trips with the Islandia to 
a station in the south west of Sao Vicente and 3 further stations which were located on a 
diagonal between Mindelo, Sao Vicente and the TENATSO time series station. As our work 
was combined with that of the bioassay group at IFM-GEOMAR we did not at this time go 
out the entire distance to the TENATSO site. This was because it became quickly apparent 
that for the bioassays, the travel time between TENATSO and Mindelo was too long (over 6 
hours) to guarantee optimal cell viability. At this time I conducted dust dissolution 
experiments in parallel with the bioassays to examine the possible role of superoxide in this 
process.   
As part of my PhD thesis work, two further trips were undertaken to the Cape Verde 
archipelago in November 2008 and May 2009, and each time a visit to the TENATSO station 
was accomplished. During May 2009 I performed further dust dissolution experiments in 
parallel with the bioassay work being performed at that time, for the November 2008 work no 






The primary hypothesis that this thesis examines is whether there is significant 
dissolution of recently deposited aeolian dust by superoxide in the open ocean with a 
particular focus on the TENATSO site. In order to fully understand the significance of all the 
reactions involving superoxide in the open ocean to assess the importance of the potential 
reaction with dust it was necessary to examine and evaluate the existing literature for methods 
of superoxide determination and the potential fluxes of superoxide in seawater. Unfortunately 
already at the beginning of this work, which was conducted in the laboratory in Kiel to 
configure a detection system for superoxide, I found with both sources of superoxide and 
detection methods serious problems for use in seawater that had not been adequately 
addressed by previous researchers on this topic. Thus I was compelled to develop and 
evaluate new methods and techniques that could be used for the field expeditions to Cape 
Verde and the Southern Ocean for the present work. This included the development of a new 
theoretical basis for the interpretation of the data obtained from my experimental approach as 
in many cases the existing theory was too simple for application to seawater studies. The 
approach that is used in this thesis was optimised for application to the understanding of 
environmental processes involving superoxide in the ocean.  
Thus the first paper of this thesis introduces a methodology for the calibration and 
determination of superoxide fluxes in seawater and introduces the reader into the problems of 
making accurate measurements of a transient reactive species such as O2-. Further information 
is supplied about the reactivity of O2- and on the existing information regarding sources and 
detection methods which have previously been applied in seawater. Most importantly this 
paper shows the successful application of the superoxide thermal source SOTS-1 as a O2- 
source in seawater for use as a calibration source for both concentration and flux 
measurements. A theoretical framework for interpretation of the results is developed and 
compared to laboratory data obtained using 3 different superoxide detection systems.  
The second paper describes an investigation of the decay kinetics of O2- with organic 
matter in the oligotrophic waters at and nearby the TENATSO ocean observatory adjacent to 
the Cape Verde archipelago. A number of reactions have been identified in seawater that 
affect O2- decay rates; including the 2nd order uncatalysed dismutation reaction of superoxide, 
or reactions with trace metals species, which have been examined in a few studies. However 
little is known about the possible reaction of O2- with organic matter which may be important 
for the cycling and oxidation of organic matter in surface waters and as a non-trace metal sink 
for superoxide. In this work I found a small but significant contribution from organic material 
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to the superoxide decay rate but this had no statistically significant relationship to the 
measured CDOM absorbance, suggesting it was a minor component of the CDOM that was 
reacting with superoxide. Indeed comparison of the data for deep waters below the euphotic 
zone with H2O2 concentrations suggests that this reaction may be due to the presence of 
quinone moieties which make up only a small part of the CDOM but help to regulate the deep 
water H2O2 concentration. 
 Paper 3 examines the primary hypothesis directly through a series of observations of 
O2- decay kinetics from the waters around Sao Vicente, Cape Verde. This work was 
performed as an integral part of SOPRAN (German SOLAS) activities in Cape Verde. It is 
well known that the major source of trace metals to the Tropical Atlantic is through aeolian 
deposition of Saharan dust. In the sunlight waters of the Tropics, where relatively high fluxes 
of O2- potentially exist due to photochemical reactions of DOM, there exists the possibility of 
a kinetically controlled reduction of Fe from aerosol derived colloids and particles to the more 
soluble and bioavailable Fe(II). The method applied in this work allows an assessment of 
changes in both the organic reactivity with O2- simultaneously with changes in the free metal 
speciation of Fe and/or Cu. This is an important breakthrough as it allows the evaluation of 
the importance of the different reaction pathways for O2- and thus the factors which control 
metal redox speciation in seawater. Through this approach we can ascertain relatively rapidly 
whether dust dissolution has altered the in situ iron speciation in seawater and hence if any 
changes in bioavailability may have occurred. The results gained from this work indicate that 
overall Cu dominates superoxide decay in the study region and that the reaction between dust 
and O2- is apparently a minor sink term. 
The fourth paper in this thesis describes work on O2- decay kinetics in the Southern 
Ocean waters during the Polarstern expedition (ANTXXIV-3). Measurements of O2- decay 
kinetics throughout the water column were performed at 3 stations during a transect through 
the Drake Passage in the austral autumn of 2008. A new sampling strategy was used here, 
based on existing bioassay protocols, designed to elucidate the sinks of O2- in polar waters 
throughout the water column. The titration of the samples with Fe or Cu revealed that Cu was 
the major sink of O2- in the Southern Ocean despite it being strongly organically complexes 
and indicates that the Cu organic complexes react directly with O2-. Contrastingly the reaction 
with iron was slowly overall and suggests that organic complexes of iron do not react with 
superoxide appreciably. This work has then direct implications for the redox cycling and 
bioavailability of Cu and Fe in the Southern Ocean and was thus featured in the 
Environmental News section of ES&T upon publication. 
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Glossary of commonly used Abbreviations and Terminology used in this Thesis 
AERONET Aerosol Robotic Network 
AFO Amorphous Ferric Oxyhydroxides  
ATE Automated Trace Element 
AQUA is a multi-national NASA scientific research satellite studying the precipitation 
evaporation and cycling of water. It is the second major component of the Earth 
Observing System 
AQY Apparent Quantum Yield  
BATS Bermuda Atlantic Time Series 
CDOM Coloured Dissolved Organic Matter 
Cu Copper 
CTD Conductivity Temperature Density  
DFO Desferrioxamine B 
DMSO Dimethylsulfoxide  
DOC Dissolved Organic carbon 
DOM Dissolved Organic Matter 
DTPA Diethylentriaminpentaacetic acid 
EDTA Ethylenediaminetetraacetic acid 
ETAAS Electrothermal atomic absorption spectrometry 
ESR Electron Spin Resonance 
FC Ferricytochrome c 
FIA Flow Injection Analyzer  
Fe Iron 
Fz Ferrozine 
GFAA Graphite Furnace Atomic Absorption Spectrophotometry  
Giovanni GES-DISC Interactive Online Visualization and Analysis Infrastructure 
Glu Gluconic Acid 
GOTM General Ocean Turbulence Model  
H2O2 Hydrogen peroxide 
HCl Hydrochloric acid 
HDPE High Density Poly Ethylene  
HEPA High Efficiency Particle Arresting – an air filter that removes particles from the air 
allowing samples to be manipulated without risk of contamination from the air. 
HNLC High Nutrient Low Chlorophyll 
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HOTS Hawaii Ocean Time Series 
HX Hypoxanthine 
IGBP International Global Biosphere Program 
INDP Instituto Nacional para Desenvolvimento das Pescas 
MAN Maritime Aerosol Network  
MCLA [2-methyl-6-(4-methoxyphenyl)-3,7-dihydroimidazo[1,2-a]pyrazin-3-one HCl]  
M.I.T Massachusetts Institute of Technology 
MITESS Moored In-situ Trace Element Serial Sampler  
MODIS Moderate Resolution Imaging Spectroradiometer 
N2 Nitrogen gas 
NBD-Cl 7-Chloro-4-nitrobenzo-2-oxa-1,3-diazole 
NBS National Bureau of Standards (USA) 
NBT Nitroblue Tetrazolium 
NIOZ Royal Netherlands Institute for Sea research 
NOAA National Oceanic and Atmospheric Administration 
NPZD Nutrient-Phytoplankton-Zooplankton-Detritus 
MQ 18MΩ cm resistivity water  
KO2 Potassium superoxide 
LWCC Liquid Waveguide Capillary Cell 
NaOH Sodium hydroxide 
O2 Oxygen 
O2- Superoxide 
PBS Phosphate Buffered Solution 
PC Polycarbonate 
PR Production Rate 
PVC Polyvinylcarbonate 
ROS Reactive Oxygen Species 
RPM Rotations per Minute 
QD Quartz distilled 
Q Quinone 
QH2 Hydroquinone  
Q•-Semiquinone radical  
SAL Saharan Air Layer  
SeaWiFS Sea-viewing Wide Field-of-view Sensor  
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Sec Second 
SOD Superoxide Dismutase 
SOLAS Surface Ocean Lower Atmosphere Studies – SOLAS is an IGBP international 
research initiative comprising of over 1500 scientists in 23 countries. The primary 
objective is "To achieve quantitative understanding of the key biogeochemical-
physical interactions and feedbacks between the ocean and atmosphere, and of how 
this coupled system affects and is affected by climate and environmental change." 
SOPRAN Surface Ocean Processes in the Anthropocene – The BMBF Verbundprojekt which 
carries out SOLAS research in Germany. 
SOTS Superoxide Thermal Source 
SW Seawater 
Terra (EOS AM-1) is a multi-national NASA scientific research satellite in a sun-
synchronous orbit around the Earth. It is the flagship of the Earth Observing System 
TENATSO Tropical Eastern North Atlantic Time Series Observatory – An European Union 
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a b s t r a c t
Superoxide (O2−) is an important short lived transient reactive oxygen species (ROS) in seawater. The
main source of O2− in the ocean is believed to be through photochemical reactions though biological
processes may also be important. Sink terms for O2− include redox reactions with bioactive trace metals,
including Cu and Fe, and to a lesser extent dissolved organic matter (DOM). Information on the source
ﬂuxes, sinks and concentration of superoxide in the open ocean are crucial to improving our understand-
ing of the biogeochemical cycling of redox active species. As O2− is a highly reactive transient species
present at low concentrations it is not a trivial task to make accurate and precise measurements in sea-
water. In this study we developed the appropriate numerical analysis tools and investigated a number of
superoxide sources and methods for the purposes of calibrating O2− concentrations and/or ﬂuxes specif-
ically in seawater. We found the superoxide thermal source bis(4-carboxybenzyl)hyponitrite (SOTS)-1
easy to employ as a reliable source of O2− which could be successfully applied in seawater. The ther-
mal decomposition of SOTS-1 in seawater was evaluated over a range of seawater temperatures using
both a ﬂux based detection scheme developed using two spectrophotometric methods: (i) 7-chloro-4-
nitrobenzo-2-oxa-1,3-diazole (NBD-Cl) and (ii) ferricytochromec (FC), or a concentrationbaseddetection
scheme using a chemiluminescence ﬂow injection method based on the Cypridina luciferin analog 2-
methyl-6-(p-methoxyphenyl)3-7-dihydroimidazol[1,2-]pyrazin-3-one (MCLA) as reagent. Our results
suggest SOTS-1 is the best available O2− source for determining concentrations and ﬂuxes, all detection
















dand type of experiment t
. Introduction
.1. The reactivity of the superoxide anion radical (O2−) and its
onjugated acid perhydroxyl radical (HO2)
Superoxide (O2−: IUPAC name dioxide(•1−)) is a reactive inter-
ediate in the redox cycling of water to oxygen, through both
hotosynthesis and respiration processes. In natural waters super-
xide is predominantly a product of photochemical processes
ith organic chromophores (dissolved organic matter (DOM))
1], though biological pathways also exist [2–3]. Superoxide and
ts conjugated acid (HO2 the hydroperoxyl radical: IUPAC name
ydridodioxygen(•)), with a pKa in seawater of 4.60±0.15 [4]), are
nown to mediate many transformations in biological and chemi-
al systems in the ocean. The perhydroxyl radical reacts with itself
r with superoxide to form hydrogen peroxide (H2O2) and oxygen
∗ Corresponding author. Tel.: +49 431 600 4207; fax: +49 431 600 4202.
E-mail address: pcroot@ifm-geomar.de (P.L. Croot).
003-2670/$ – see front matter © 2010 Elsevier B.V. All rights reserved.
oi:10.1016/j.aca.2010.03.054required.
© 2010 Elsevier B.V. All rights reserved.
(O2) via the uncatalysed dismutation reaction:
HO2 + HO2 → H2O2 + O2 (1)
HO2 + O2− → HO2− + O2 (2)
The observed rate constant kD (combing reactions (1) and (2)
above) for theuncatalyseddisproportion ofO2− has beenmeasured
in seawater as a function of pH [4,5]. Superoxide can also act both
as a reductant and oxidant and in seawater it is suggested [5–7] to
play an important role inmediating redox changesbetweenvarious
chemical species and in with the bio-relevant trace metals Fe and
Cu:
Mn + O2− + 2H+ → Mn+1 + H2O2 (3)
Mn+1 + O2− → Mn + O2 (4)
Combined together reactions (3) and (4) result in a catalytic
cycle for superoxide dismutation, (catalyzed dismutation path-
way). Typically reactionswith the freemetal speciesofCuandFeare
extremely fast [8] and soonly a small amount ofmetal is required to
catalyze superoxide dismutation. In nature this is exploited in the
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hich act within the cell to remove O2− produced by photosyn-
hesis or other cellular processes [9]. Reactions with DOM can also
e described by equations (3) and (4) and were found to be signiﬁ-
ant to the overall O2− decay in coastal seawater [10] but not so in
he open ocean waters of the Southern Ocean [5]. Little is currently
nown on either the sources or products of superoxide reactions
ith DOM but it is clear that it is a major pathway for the oxidation
f organic matter in the euphotic zone.
Assessing changes in metal redox speciation is critical to devel-
ping our understanding of metal biogeochemistry in the ocean.
or example the O2− mediated cycling between the thermody-
amically favoured, but poorly soluble, Fe(III) species and the
ore soluble reduced Fe(II) form could simultaneously increase
he bioavailability of iron and prolong its residence time in the
pen ocean as suggested by recentmodeling studies [11–13]. Infor-
ation regarding O2− ﬂuxes is also important for balancing the
ources and sinks of the daughter product of O2−, H2O2. In sea-
ater H2O2 also plays an important role in redox reactions which
nvolve biogeochemical relevant trace metals [14,15].
Thus in order to improve our present understanding of redox
ycles in the ocean it is critical that we can accurately determine
he production, instantaneous concentration ([O2−]i) and decay of
OS like O2− and H2O2 in seawater under normal environmental
onditions. Quantitative work on O2− in seawater has been seri-
usly handicapped by the lack of a simple method to produce the
adical at a constant and known rate. The present paper summa-
izes previous work on this topic of relevance to seawater and our
wn ﬁndings as we tested different sources and detection meth-
ds in an effort to determine O2− accurately. Our work suggests
hat the O2− thermal source SOTS-1 can be successfully used as a
alibration source for O2− ﬂuxes in seawater.
.1.1. Reaction kinetics of superoxide
Based on previous research on O2− reactions in seawater with
etal complexes [5–7,16] and organic matter [10] workers in this









−] + korg[O2−] (5)
here the metal reactions (kM) include both the Cu(II)/Cu(I) and
e(III)/Fe(II) redox pairs (equation (6)), the reaction with organic









The observed rate of superoxide decay can then be written as





= 2kD[O2−]2 + kobs[O2−] (7)






The complexing agent diethylenetriaminepentaacetic acid
DTPA) can be added to complex all the trace metals in solution
nd in this case kobs = korg [10].
In the following sections we provide an overview about the
mpact of superoxide in the environment, and its sources and exist-
ng detection methods which are currently used in research. This
ection is important as in the course of this work we came across
everal inconsistencies regarding the production and detection
ethods for superoxide which forced us to invest a considerableimica Acta 667 (2010) 1–13
amount of time to read and conduct laboratory studies to recognize
and understand these inconsistencies. The availability of aqueous
O2− solutions, free from interfering materials or metal impurities
is one of the most essential requirements for the study of HO2/O2−
chemistry. In the experimental section of this work we report the
ﬁrst results obtained using the superoxide thermal source SOTS-1
in seawater, a reagent that produces O2− without apparently many
of the limitations found in other sources.
1.2. Sources of superoxide in natural waters
There are several sources for O2− that are known in seawater
and they are discussed in turn below. Fig. 1 provides a schematic
overview of the known sources and sinks for superoxide in the
ocean.
1.2.1. Photochemistry
The existence of O2− in seawater was ﬁrst proposed by Swallow
[17] who suggested that O2− could be formed by reactions of the
hydrated electron with O2 dissolved in seawater. Later researchers
provided qualitative or indirect evidence for the photochemical
production of O2− in aqueous solutions based on the assumption
that its decomposition is the major source for H2O2 [18–19]. In
sunlit seawater O2− quasi-steady concentrations of ∼10–100nM
were estimated based on the assumption that only the uncatalysed
dismutation pathway was occurring [18,20].
Measurements of O2− ﬂuxes in seawater were obtained from
Caribbean waters [1] illuminated with a solar simulator and
the ﬂuxes determined by using isotopically labelled 15NO gas
to react with O2− [21] to form peroxynitrite which rearranges
to form nitrate. Using this approach photochemical production
rates for O2− in surface waters followed a seasonal cycle with
0.1–6nMmin−1 sun−1 (where sun−1 is the intensity of the solar
simulator used [22]) in spring- and 0.2–8nMmin−1 sun−1 in the
autumn. Overall it was found that approximately 35% of the total
radical ﬂux was present as O2−.
The main mechanism for the production of O2− is thought to
be from the absorption of a photon by DOM which excites this
molecule into a triplet state which subsequently reacts with O2
(naturally occurring in the triplet state) to form O2− and a carboca-
tion [23]. Direct measurements of the apparent quantum yield for
O2− are not available, however related data does exist for the for-
mation of the reaction product H2O2 [23,24] and indicates that UV
wavelengths, 300–400nm, are themajor source ofO2− in seawater.
Photochemical production of O2− in seawater based on measure-
ments of H2O2 in situ formation ﬂuxes [24–26] indicate rates in
surface waters of 9 (Antarctic) to 17nMh−1 (Tropical Atlantic),
assuming the rate of O2− production is twice that of H2O2.
1.2.2. Reactions with O2 and H2O2
Superoxide can also be produced throughout the water column
via reactions betweenO2 and reduced species and to a lesser extent
between H2O2 and oxidized species. In seawater this may include
the oxidation of free or complexed, Fe(II) or Cu(I) in the water col-
umn [14,15,27,28], or alternatively with reduced organic species
such as semiquinone radicals [29,30] produced from the reduction
of quinone compounds present in DOM [31] and in bacterial cells
[32].
1.2.3. Biological production
Superoxide can be formed directly or through side reactionsin various enzymatic processes [33,34] and by the auto-oxidation
of a number of biologically signiﬁcant compounds (see above). In
laboratory experiments O2− production has been observed in phy-
toplankton cultures (see the review by Marshall et al. [35]) and is
suggested to enhance the toxicity of algal exudates or to serve as





























rFig. 1. Schematic of superoxide prod
n allelopathic agent against bacterial fouling [36]. An alternative
ypothesis suggested for openocean species is thatO2− is produced
n response to iron limitation as a mechanism to reduce Fe(III) to
he more bioavailable Fe(II) [37] though other researchers suggest
hat this is a ‘futile’ exercise as the Fe(II) is rapidly oxidized back to
e(III) [38].
.3. Salt effects and problems with the use of Good’s buffers
Most published studies on O2− were conducted in simple
olutions and not in a complex media such as seawater. This
s important as the chemistry of HO2/O2− is affected by several
spects in seawater. For example the effect of salts on the stability
f HO2 showed different values for NaCl, CaCl2 and BaCl2 and these
bservations can be interpreted as changes in the ionization of HO2
ue to ionic interactions [4]. The effect of this is to cause the life-
ime of HO2 and O2− to be 2–5 times longer than in pure water, if
nly the uncatalysed dismutation pathway exists, due to the inter-
ctions of Mg2+ and Ca2+ with O2− and the effect of ionic strength
n the dissociation of HO2. Zaﬁriou [4] made the ﬁrst direct mea-
urements of KHO2 in seawater (pK
∗
a = 4.60 ± 0.15) and measured
he dismutation rate kD to be 5±1×1012 [H+]M−2 s−1.
It is common practice for experiments in seawater where the
H needs to be controlled to use one of the Good’s buffers [39],
uch as EPPS, HEPES, TRIS or PIPES. This is particularly the case
or experiments where the trace metal speciation needs to be con-
rolled as these buffers do not form complexes with the metals
f interest. However for experiments with O2− it has been found
hat the amine containing buffers react with H2O2 or O2− to result
n reactive buffer radicals or that even those buffers react with
urther oxidative compounds resulting in the formation of buffer
adicalswhich reactwithoxygen to formROS. Piperazine ringbasedn and decay pathways in the ocean.
buffers like HEPES, EPPS and PIPES were found to produce radi-
cal species which have half-lives around 10min [40]. It was also
proposed that H2O2 oxidizes not only morpholine ring containing
buffers like MOPS and MES but also piperazine ring buffers (PIPES,
HEPES, EPPS) [41]. Kirsch et al. [42] suggested a mechanism where
oxidative compounds (in their case peroxinitrite or any strong oxi-
dant derived from it) oxidize amine buffers like HEPES and form
radicals which further react with O2 and leads to the formation
of O2− and subsequently H2O2. Thus they proposed that HEPES or
similar organic buffers should be avoided in studies which work
with oxidative substances. This ﬁnding was conﬁrmed by Hodges
and Ingold [43], who whilst working on O2− quantiﬁcation using
tetranitromethane (TNM) found that TRIS, HEPES and MOPS react
with TNM and the radicals formed through this reactions undergo
rapid radical chain processes. They concluded from their work that
anycompoundwhichcontains theN-CHchemical functionalitywill
result in these reactions and should so be avoided in systems used
for O2− quantiﬁcation. In the present work we did not use Good’s
buffers for the reasons outlined above.
1.4. Superoxide sources for use with seawater
While O2− is stable in aprotic solvents like DMSO, for studies in
seawater the difﬁculty in preparing a standard solution for calibra-
tion of detection methods is a major problem. The use of standards
prepared in aprotic solvents may cause interferences due to the
introduction of high concentrations of organic solvent. Similarly
standards prepared in aqueous solutionmust bemaintained at high
pH to reduce the loss due to the uncatalysed dismutation reaction.
In the case of solution with appreciable metal contaminants, com-
plexing agents such as DTPA, are typically added to slow the loss
rate of O2−.
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Table 1
Compilation of extinction coefﬁcients (ε, Lmol−1 cm−1) for O2− and H2O2/HO2− at
pH 13 for selected wavelengths as used in this study for spectrophotometric deter-
mination of the O2− concentration in KO2 preparations. Data is drawn from Bielski
and Allen [50] for H2O2/HO2− and from Bielski et al. [8] for O2− .
 (nm) Extinction coefﬁcient ε (Lmol−1 cm−1




















































Experimentallydeterminedvaluesof the thermalproductionof superoxidebySOTS-
1 in seawater.
Thermal degradation rate k (s−1) for
SOTS-1 in Antarctic Seawater
NBD FC
37.0 ◦C 3.0±1.2×10−5 1.7±0.3×10−4




.4.1. Photochemical production in ketone/alcohol solutions
McDowell [44] proposed that O2− can be produced in air or O2
aturated aqueous solution by the irradiation of a solution con-
aining a ketone (acetone or benzophenone) with a primary or
econdary alcohol (ethanol or 2-propanol). This approach has been
sed extensively over the intervening years for work in artiﬁcial
eawater (NaHCO3 2mM, NaCl 10mM) in combination with DTPA
10,45,46].
In the course of this work we applied the method of McDowell
n order to generate O2− for the purposes of a calibrated standard
olution, however our investigations revealed a number of factors
pparently overlooked in previousworks: (1) Ketones absorb in the
ame UV region as O2−, between 200 and 340nm [47] and for most
f the published protocols the majority of the absorbance at the
avelengths for quantiﬁcation of O2− was in fact due to acetone
nd the assumption that it was solely due to O2− was false. Simply
aking the absorption difference between the solution prior to the
rradiation and after also is problematic as photochemical work
uggests that for the reaction system containing 2-propanol and
etones (e.g. acetophenone or benzophenone) the overall reaction
athway is the oxidationof 2-propanol to acetone [48]. (2) Thepho-
ogeneration of O2− will also generate H2O2/HO2− [49] which also
bsorbs, although weakly, in the same region as O2− [50] (Table 1)
nd this must be corrected for. (3) Also alarmingly several stud-
es using this method added DTPA to their reaction solution prior
o irradiation in an effort to complex potential trace metal impu-
ities. However it is well known that DTPA itself and in particular
ts ferric complexes, degrade under UV irradiance [51,52] or even
unlight [53]. Thus it is obvious that DTPA should only be added
fter irradiation.
.4.2. Xanthine/xanthine oxidase
Xanthine oxidase (XO) catalyzes the oxidation of xanthine (X) or
ypoxanthine (HX) in the presence of O2 to form uric acid with the
roduction of O2− or H2O2. The XO/X method is used frequently
ue to the commercial availability of the reactants and the ease
f use. Recently several papers have been published using XO/X as
2
− source in seawater [37,54–56]. The ﬂux of O2− varies as a func-
ion of pH and other conditions, at a pH of 7 there is believed to be
production of 20% O2− and 80% H2O2 [57]. Other radicals, such as
arbonate radicals [58],mayalsobeproduced. Theﬂuxof theuniva-
ent pathway to O2− increases at alkaline pH, up to approximately
H 8, and under high pO2 or low substrate (X or HX) conditions
57,59]. Calibration of the XO/X source is complicated in seawa-
er by the need to accurately control and measure the pH during
he experiment, something which is not a trivial task [60] and the
ource strength of XO/X may vary between samples. For quanti-
ative work where a steady rate of O2− formation is required, the
/XOsystemwas found tobeunsuitable asXObecomesdeactivated
uring its turnover decreasing the rate of O2− formation [61]. Addi-
ionally TNM reacts with O2− directly formed in the enzyme while
erricytochrome c (FC) only reacts with free diffusible O2− [58,61].
any researchers have also observed that commercial XO prepa-25.0 ◦C 2.0±1.4×10−5 2.2±0.6×10−5
20.0 ◦C – 1.7±0.4×10−5
10.0 ◦C 6.1±11×10−6 1.7±0.8×10−5
rations are contaminated with iron or other trace metals [61–63].
This limits the use of XO only to experiments where trace metals
are buffered with the use of DTPA or desferal and thus reactions
between trace metals and O2− cannot be studied.
Table 2.
1.4.3. Pulse radiolysis
Initial research on O2− chemistry in aqueous solutions uti-
lized pulse radiolysis to generate O2− by ionizing radiation under
controlled conditions with determination of reaction products by
UV–Vis spectroscopy [64]. The primary radicals generated by pulse
radiolysis (e−, H and OH) react rapidly with O2 to form O2−, how-
ever in seawaterOH reacts rapidlywith bromide, requiring formate
or methanol to be added to convert OH into O2− via borate or car-
bonate catalysis [4]. The use of pulse radiolysis for ﬁeldwork is not
practical as it requires the use of a linear accelerator or 60Co source
[65].
1.4.4. KO2
Previously KO2 was widely used to examine the reactivity of
O2− as it was found to be a cheap direct source of O2−. The main
problem with using KO2 is the relatively low ﬁnal yield [66] (∼15%)
and the generation of high concentrations of H2O2 which must be
corrected for (see earlier). KO2 was previously perceived to be con-
taminated with metals based on work performed during the 1970s
and 1980s, however the observed contamination may have been
related to the use of non trace metal free equipment and reagents
[67]. Recentlywe reexamined themetal content of commercial KO2
and found that trace metal impurities were low and KO2 could be
successfully used as a calibration source for O2− decay experiments
in seawater [5].Due to thenatureofKO2 it canonlybeused forpulse
experiments and not as a source for ﬂux measurements.
1.4.5. Superoxide thermal source SOTS-1
Current methods which generate O2− in relative high concen-
trations will favor the uncatalysed dismutation resulting in a high
H2O2 production also. In order to mimic the in vivo situation where
O2− is produced very slowly but continuously over a long duration
Ingold et al. [68] synthesized a series of suitable azo compounds
(superoxide thermal sources—SOTS) which decompose thermally
to yield either directly or indirectly electron rich carbon-centered
radicals. Many of those primary radicals are known to react with
O2 to yield carbocations and O2− [69].
The ﬁrst of this novel family of compounds was di(4-
carboxybenzyl)hyponitrite (SOTS-1). The decomposition of SOTS-1
inwater at 37 ◦C and a pHof 7was shown to followﬁrst order decay
(half-life 4900 s) and yield a O2− formation of 40mol%. The critical
step in the overall reaction involves a 1,2-H-atom shift [70] which
converts the primary alkoxyl radical into the desired electron rich
carbon-centered radical (Fig. 2). This kind of radical rearrangement
occurs only in the presence of water or alcohols and represents
a pathway to produce O2− without direct or enzymatic forma-
tion of H2O2 [71]. SOTS-1 is reasonably soluble in water (1.5mM)



































[Fig. 2. The decomposition pathway of SOTS-1 and its reaction with oxygen
nd the decay rate is independent of pH over the pH range 6.5–8
68,72].
.4.6. Ultrasonication of water
It is often overlooked in studies with phytoplankton that ultra-
onicationof samples either for cleaning cell or breaking them,does
roduce both O2− and subsequently H2O2 [73].
.4.7. Alkaline DMSO
O2− can also be generated in alkaline air saturated DMSO solu-
ions from the reaction between DMSO and OH− to produce a
ethyl sulphinyl carbanion which reacts with O2 to produce O2−
74,75]. Alternatively thedirect reactionbetweenhydroxide anions
nd oxygen can occur:
2 + OH− → O2− + OH• (9)
In the DMSO case the OH radical is scavenged quickly by DMSO.
his reaction can also occur in water under the high OH− concen-
rations typically used to preserve O2− [76] and has been proposed
s a source for O2− in experiments.
.5. Superoxide detection methods used in seawater
.5.1. Spectrophotometry
The spectrometric detectionofO2− canbe achievedby thedirect
easurement of the absorbance of O2− itself (direct method) or
hrough the reaction with a speciﬁc chemical (indirect method)
hich results in an absorption change. Superoxide absorbs moder-
tely in the UV (Table 1) [8]. Calibration of the O2− concentration
y the directmethod is complicated asH2O2 [50] andmany organic
olecules also absorb at these wavelengths and must be corrected
or. This presence of H2O2 in O2− solutions is difﬁcult to avoid as
long with O2 it is a major byproduct from the reactions of O2−
n aqueous solutions. This complication has driven research into
nding reagents that react speciﬁcally with O2− to form distinct
nd easy detectable species. In the following sections we exam-
ne the most frequently used reagents for this purpose and assess
heir applicability to seawaterwork (Formore informationonother
eagents see recent reviews by Soh [77] and Bartosz [78])..5.1.1. Ferricytochrome c (FC). The reduction of ferricytochrome c
Fe(III)) to ferrocytochrome c (FeII) by O2− is a rapid single electron
rocess which can be monitored via spectrophotometry at 555nm
33]. The rate constant for the reaction between O2− and FC hassubsequent release of superoxide (Figure adapted from Ingold et al., 1997).
been observed to be sufﬁciently high (106 M−1 s−1) [79–81] to com-
pete at M concentrations of FC with the uncatalysed dismutation
reaction at neutral pH [54,81]. Additionally the reaction of H2O2
with FC is insigniﬁcant when [H2O2] <0.1mM [86]. If FC is present
in signiﬁcant concentrations there will be no extra H2O2 produc-
tion as O2− is oxidized back to O2. FC can however be reduced by
molecules other than O2− [83] most notably Cu(I) complexes [84],
alternatively reduced FC may be reoxidized to FC by Cu and Mn
redox species [85–86].
1.5.1.2. Nitroblue tetrazolium (NBT). The ditetrazolium ion NBT2+
can be reversible reduced to diformazan by the stepwise addition
of four electrons with the formation of the transient NBT+ (MF) and
one stable intermediate consisting of one tetrazolium and one for-
mazan center [87]. NBT has become a widely used in situ reagent
for the detection of O2− although its use as quantitative reagent has
been less successful because of its complex chemistry and com-
plicated acid-base properties [88]. One major problem with NBT
is that the reaction products (mono- and diformazans) are only
slightly soluble in aqueous solution. NBT can also be reduced by
CO2− [88] and Glucose oxidase [89]. When used with X/XO NBT
may react directly with XO [90] and in combination with deter-
gents such as Triton X-100 marked increases in the reduction of
NBT were observed [91], similarly in O2− DMSO solutions NBT was
found to react with the methyl sulphinyl carbanion while FC did
not [92]. The production of O2− itself by the oxidation of NBT+ with
O2 can also be signiﬁcant under certain conditions [65,93].
1.5.1.3. NBD-CL (7-chloro-4-nitrobenzo-2-oxa-1,3-diazole). NBD-Cl
was originally synthesized as a ﬂuorescence reagent for amino
acids and amines [94,95] and thiols [96]. In a recent work it was
shown [97] that NBD-Cl can also be used for the detection of O2−
through the formation of a reaction product by either absorbance
spectroscopy (at 470nm) or via ﬂuorescence (excitation 470nm,
emission 550nm). NBD-Cl reacts with nucleophiles [98] to form
reversible Meisenheimer adducts [99].
1.5.2. Chemiluminescence detection methods
Several compounds have been used previously for the chemilu-minescence detection of O2−. Luminol, which is frequently used for
other chemiluminescence applications, does react with O2− but is
not a speciﬁc indicator for O2− [100,101]. Similarly lucigenin was
originally proposed to be useful for the detection of low levels of
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eading to an overestimate of the O2− concentration and its use as
O2− probe was not recommended [104].
The most widely used chemiluminescence probe for
2
− has been the Cypridina luciferin analog, 2-methyl-6-
p-methoxyphenyl)3-7-dihydroimidazol[1,2-]pyrazin-3-one
MCLA) [105]. The chemiluminescence of MCLA by reaction with
2
− involves the production of an unstable dioxetane, whose
ecomposition emits light [106] and the reaction is highly speciﬁc
s shown by Kambayashi and Ogino [107] who tested several
ifferent ROS (O2−, 1O2, OH, Fe(II), alkyl peroxyl radical and
2O2) and found only O2− and 1O2 were able to induce MCLA
hemiluminescence. Background chemiluminescence due to the
uto-oxidation of the conjugated base of MCLA with O2 [108]
s reduced when the analytical pH<pKa for MCLA (pKa = 7.75)
109] and with lower MCLA concentrations [107]. MCLA shows
verlapping maxima for chemiluminescence at pH 6 and pH 8.7
sing XO/X, while a further maxima exists at pH 9.5 when using
O2 [110].
.6. Determining superoxide ﬂuxes or concentrations
.6.1. Goal of a reagent for superoxide ﬂux determinations
In the present work we were searching for an analytical proce-
ure that could determineO2− productionﬂuxes in seawater under
oth conditions of photochemical and/or biological production.
eaving aside issues related to the chemical speciﬁcity of reagents
or O2− (see recent reviews by Bartosz [78] and Soh [77]) we focus
ere on the numerical tools required for interpretation of the data.
here are two possible analytical approaches; the ﬁrst by measur-
ng over time the “integrated production” of O2− while the second
pproach is to measure the instantaneous concentration of O2−.
.6.2. Integrated production
For spectrophotometric or ﬂuorometric reagents which react
ith O2− in solution the “integrated production” rate of s O2− in
eawater can be determined by a simple method in which the time
ate of change of the absorption/ﬂuorescence of the reagent is used
o calculate the O2− production rate. The instantaneous production




= PR − 2kD[O2−]2 − kobs[O2−] − kR[R][O2−] (10)
here PR is the instantaneous production rate of O2− from all
ources, kR is the rate constant for the reaction between the reagent
nd O2− and [R] is the concentration of the reagent. Assuming that
he reagent R is converted into the observable species A by only




If the reagent is the dominant sink term for superoxide (kR[R] »
2kD[O2−] + kobs)) and pseudo steady state conditions are assumed




In our work using SOTS-1 as a O2− source, the ﬁrst order ther-
al decomposition of the reagent permits the calculation of the
ime dependence of the concentration of SOTS-1 under conditions
f constant temperature:SOTS]t = [SOTS]0e−kt (13)
where k is the temperature dependent decay rate of the SOTS-
. In the absence of other O2− sources the PR from SOTS-1 can be
escribed as follows, assuming a 0.4 stoichiometry for the reactionsimica Acta 667 (2010) 1–13
between the SOTS-1 radical and O2 [68]:
PR = 0.4k[SOTS]t (14)
If the analytical reagent reacting with O2− is present in high
enough concentration so that it can be considered the only reaction




the solution to the time dependent concentration of A (for
reagents such as NBD, NBT or FC) is then:
At = ASOTS(1 − e−kt) + A0 (16)
where At is the concentration of A at time t, A0 is the concentration
of A at time t=0 and ASOTS is the maximum yield of A when the
SOTS-1 has completely reacted (ASOTS = 0.4[SOTS]0). This equation
can be rearranged to solve for k as a function of t.
−kt = ln
(




If there is an additional source of O2− (e.g. thermal or pho-
tochemical) that is produced at a constant rate m (mol s−1) the
equation then becomes:




which has the following solution:
At = ASOTS(1 − e−kt) + A0 + mt (19)
The values of k, m and ASOTS in equation (19) can be solved
by least squares minimization of the time dependent results for
A. Alternatively blank samples without SOTS-1 but with the same
reagent concentration can be run to solve for m independently.
1.6.3. Steady state solutions: (For MCLA determination)
Flow injection methods using MCLA measure the O2− concen-
tration, either in a discrete mode (sample injection loop of sample
into reagent ﬂow) or as a continuous signal (continuous mixing of
MCLA reagent and sample). Using this approach to determine the
instantaneous production rate leads to equation (20) and indicates




= PR − 2kD[O2−]2 − kobs[O2−] (20)
In the case of a constant production rate of O2− either from a
biological source or a steady photochemical source, equation (20)
can easily be solved. A typical application could be the use of low
concentrations of XO with a large excess of X resulting in a con-
stant rate of O2− production. We assume here that the constant
production rate is P (mol L−1 s−1), and the initial O2− concentration
is zero. In the speciﬁc case of DTPA amended seawater, where the
pH is known, the value of kD can be estimated from previous work
in seawater [5,111]. If there is no appreciable organic reaction in
















After some time the production rate comes into pseudo equi-
librium with the decay rate and the equation reduces to the more
practical version seen below:
P = 2kD[O2−]2i (21b)
Similarly for seawater samples without DTPA, where
the uncatalysed dismutation pathway is not signiﬁcant
M.I. Heller, P.L. Croot / Analytica Ch
Fig. 3. (top) Normalised [O2−]i as a function of the half-life of the ﬁrst-order decay























iate. (bottom) Instantaneous [O2]i as a function of time for 3 different ﬁrst-order
ecay rates of superoxide in seawater. The data here is modeled using the SOTS-1
ecay rate determined in this work at 21.6 ◦C.
kobs »kD[O2−]i), the production rate at any time t after equilibrium





(1 − e−kobst) (22a)
After sufﬁcient time (see below) a pseudo steady state is estab-
ished and the relationship between the production rate and the
2
− concentrations simpliﬁes to:
= kobs[O2−]i (22b)
The time required (Equation (22a)) to achieve this apparent
teady state is related to the half-life of the decay rate (kobs) of O2−
Fig. 3) and after 1 half-life the observed [O2−]i is equal to half the
alue at steady state. This is an important point as the time to reach
95% of the maximal signal is at least 5 half-lives and for a value of
obs = 0.001 s−1 (t½ =693 s) this implies it takes approximately 1h
o reach steady state.
.6.3.1. Case (I) SOTS-1andonlyuncatalyseddismutation. In thecase
f SOTS-1 at any time after the pseudo equilibrium is established
he following equations holds for DTPA amended samples where
he dismutation reaction is the only sink term for superoxide.
.4k[SOTS]0e
−kt = 2kD[O2−]2i (23)
Rearranging and taking the logarithm of both sides results in:
− 2kDkt = 2 ln [O2 ]i + ln 0.4k[SOTS]0
(24)
Thus a plot of ln[O2−]i versus time will have a slope of k/2.
he value of kD can also be determined here from the value of the
ntercept.imica Acta 667 (2010) 1–13 7
1.6.3.2. Case (II) SOTS-1 and ﬁrst order decay of superoxide. In this
case it is assumed that there is a fast ﬁrst order reaction occur-
ring with O2− and that the uncatalysed dismutation reaction is not
important, this would most likely be the case in natural seawater.





= 0.4k[SOTS]0e−kt − kobs[O2−] (25)
If the initial concentration of O2− is zero, then equation (25) has








when kobs » k, as would be expected under most circumstances in
seawater, equation (26a) reduces to:
0.4k[SOTS]0e
−kt = kobs[O2−]i (26b)
Taking the natural logarithm of both sides then gives:




Thus in this case a plot of ln[O2−]i versus time will have a slope
of k. Note that thevalueof kobs can alsobedeterminedhere fromthe
value of the intercept as the value for [SOTS]0 is known. The time to








Fig. 3 presents example solution of equation (26) with differ-
ent values of kobs showing the dependence on both the maximum




In thepresentworkwe report seawater pHvaluesusing the total
hydrogen scale (pHTOT) [113] while we use the NBS scale, pHNBS,
for pH measurements of buffers and other low ionic strength solu-
tions. All pH measurements were made using a WTW pH meter
330i calibrated with Tris buffers [114].
2.2. Reagents
All reagents were prepared using 18M cm resistivity water
(hereafter MQ water) supplied by a combination of an ELIX-
3 and Synergy 185 water systems (Millipore). High purity HCl
(6M, hereafter abbreviated to Q-HCl) was made by redistillation
of Merck trace-metal grade acids in a quartz sub-boiling still.
A pH 7, 50mM phosphate buffer solution (PBS) was prepared
by the dissolution of K2HPO4 and KH2PO4. Catalase from bovine
liver (Sigma Aldrich) was (23,000unitsmg−1, 31mgproteinmL−1
(Biuret)) cleaned according to the manufacturers instructions in
order to remove the thymol preservative solution, as thymol reacts
rapidly with superoxide [115]. The clean catalase was then resus-
pended in pH 7 phosphate buffer prior to use. A 3.8mM stock
solution of DTPA was prepared by dissolving 0.6 g in 400mL MQ
water. Trace metal clean surface seawater collected from the
Drake Passage in the Southern Ocean during Polarstern expedition
ANTXXIV-3 [5]wasusedas seawater throughout thiswork.All plas-
ticware used in this work was extensively acid cleaned before use.
During the laboratory work of this study we found only samples
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ata. Preliminary experiments with samples stored in LDPE bottles
ere irreproducible and had higher background chemilumines-
ence signal and so the use of this type of bottle was discontinued
n our work.
.2.1. SOTS-1
500g aliquots of SOTS-1 (di(4-carboxybenzyl)hyponitrite)
Molecular weight 330.3 gmol−1) was used as received (Cayman
hemicals) and stored at −80 ◦C. Immediately prior to the start
f any experiment the 500g SOTS-1 aliquots where dissolved in
00L DMSO (Fluka, puriss p.a.≥99.9%) before further dilution in
ither pH7 PBS or seawater. Typical ﬁnal concentrations for SOTS-1
n this study were between 1.9 and 15.1M.
.2.2. NBD-Cl
A 10mM stock solution of NBD-Cl (4-chloro-7-nitrobenzo-2-
xa-1,3-diazole) was prepared by the dissolution of 0.1 g in 50mL
thanol. For the experiments a ﬁnal concentration of 100M NBD-
lwasused.A freshNBDstockwaspreparedevery2–3days.NBD-Cl
as a characteristic absorbance at 343nm and upon the reaction
ith O2− an absorbance peak at 470nm can be detected. The value
f the molar absorption coefﬁcient ε=4000M−1 cm−1 previously
etermined [97] was conﬁrmed in our own work, although we
ound the stoichiometry to be 1:1 and not 1:3 as suggested pre-
iously.
.2.3. FC
FC (Molecular Mass 12,327Da) from bovine heart muscle, pur-
hased from Sigma–Aldrich was stored at −20 ◦C until use. 100mg
f the protein were dissolved in 2mL MQ water and primary stocks
f this solution (∼4mM) were also kept at −20 ◦C before fur-
her dilution to ∼40M in the experiments. FC exhibits a strong
bsorbance at 410 and a second band at 530nm, while the reduced
orm Ferrocytochrome c shows three absorption bands at 415, 520
nd an acute peak at 550nm. Through the reaction with O2− the
eduction of the iron center converts FC to Ferrocytochrome c and
he reaction can be followed by the change of absorbance at 550nm
116]. For FC thepeak at 555nmwasusedwith themolar extinction
oefﬁcient of ε=19600M−1 cm−1 recommendedbySigma–Aldrich.
.2.4. MCLA
MCLA([2-methyl-6-(4-methoxyphenyl)-3,7-dihydroimidazo[1,
-a]pyrazin-3-one, HCl]) (Fluka) was used as received. A primary
mM MCLA standard was prepared by dissolving 10mg MCLA in
4.5mL MQ water, where upon 1mL aliquots of this solution were
hen pipetted into 2mL polyethylene vials and frozen at −80 ◦C
ntil required for use. The working MCLA standard, 1M, was
repared from a thawed vial of the primary stock by dilution into a
L solution of 0.05M sodium acetate (Sigma Ultra) buffered (4.1 g)
n MQ water adjusted to pHNBS 6. The experiments with MCLA
ere performed in either 50mM PBS (pHNBS 7.5) or in seawater
ollected from the Drake Passage during Polarstern expedition
NTXXIV-3 (pHTOT 8.14).
.3. Calibration of superoxide standards for use with MCLA
We had previously [5] adapted an existing chemilumines-
ence analysis methods for O2− which utilizes the reagent MCLA
110,117,118]. The mechanism and speciﬁcity for the reaction of
CLA and O2− is well described [119]. We used a commercially
vailable analysis system (Waterville Analytical) which consists of
light tight box equipped with a Plexiglas spiral ﬂow cell mounted
elow a photon counter (Hamamatsu HC-135-01) linked to a lap-
op computer via a BluetoothTM connection controlled through
ur ownpurpose built LabviewTM (National Instruments) software.
or O2− determination we ran the sample and the MCLA reagentimica Acta 667 (2010) 1–13
directly into the ﬂow cell using a peristaltic pump (Gilson Minipuls
3, operating at 18 rpm) with the sample line being pulled through
the ﬂow cell as this leads to the smallest amount of dead time
in the system (typically 2–3 s). The overall ﬂow rate through the
cell was 8.25mLmin−1, comprising 5.0mLmin−1 from the MCLA
and 3.25mLmin−1 from the sample. The transit time through the
optical cell (300L)was therefore2.18 s.All experimentswere con-
ducted in an over pressurized trace metal clean laboratory at the
IFM-GEOMAR in Kiel. The detection limit for O2− using this sys-
tem is ∼50pM based on the analysis of the signal to noise ratio
in the background chemiluminescence relative to the sensitivity
determined by standard additions in seawater.
In the present work we used KO2 as our O2− source for the cal-
ibration of the MCLA method as previously described [5]. In brief,
a small amount of KO2 (8-10mg) was weighed out in a previously
acid washed brown glass bottle containing 2mL of 1M NaOH and
then further diluted with MQ water to a ﬁnal volume of 15mL.
UV spectrophotometry was performed on the sample using either
a 1m LWCC-2100 100 cm pathlength liquid waveguide cell (World
Precision Instruments, Sarasota, FL,USA), or a 10 cmQuartz-cuvette
(Hellma), coupled to anOceanOptics USB4000UV–Vis spectropho-
tometer in combination with an Ocean Optics DT-MINI-2-GS light
source. The concentration of both O2− and HO2− in the standard
solution were determined by least squares solution to the mea-
sured absorbance, at multiple wavelengths, using published molar
extinction coefﬁcients for H2O2 [50] and O2− [8] (Table 1). Mean
initial concentrations in the primary KO2 solution assessed in this
way were 900±50M for H2O2 and 90±10M O2−.
2.4. Determination of O2− ﬂuxes and the thermal dissociation
rate (k) of SOTS-1 in seawater and PBS by spectrophotometry
Thedecomposition rate (k) of SOTS-1 in seawater and in PBSwas
measured by following the O2− promoted change in absorbance
of either FC or NBD-Cl. Each experiment was performed at a set
temperature (±0.1 ◦C) using a thermostated water bath (Fisher Sci-
entiﬁc: FBC720). The complete experimental set covered a range
of (10–37 ◦C) temperatures relevant to seawater studies and for
comparison to previous results. The experiment was initiated with
the addition of 500g of SOTS-1 to a known volume (typically
100 or 500mL) of seawater, or PBS, that had been previously
equilibrated with DTPA (3.8M) for 24h in a 1 L Teﬂon bottle.
Aliquots of the SOTS-1 solution were poured into 60mL Teﬂon
bottles and the appropriate volumes of the reagents added to
give the appropriate ﬁnal concentrations: FC (40M) or NBD-Cl
(100M). Samples were run in triplicate and were shielded from
the light where possible. Absorbance measurements were per-
formed using the same apparatus as described in section 2.3 with
either a 1 cm quartz cuvette or the LWCC-2100. The time evolution
of the absorbance signal was followed by taking frequent measure-
ments of the sample solutions over the course of the experiment
(1–5 days).
2.5. Determination of O2− ﬂuxes from SOTS-1 in seawater and
PBS by chemiluminescence
Experiments were performed in Teﬂon bottles and initiated by
the addition of 500g of SOTS-1 to a known volume (typically 250
or 500mL) of seawater, or PBS, that had been left to equilibrate
with DTPA (3.8M) for 24h. All reagents and samples were kept at
a constant temperature (21.5±0.2 ◦C) throughout the course of the
experiment in a temperature controlled class 100 clean laboratory.
Samples were drawn directly into the ﬂow cell of the chemilumi-
nescence detector as described in Section 2.3.






































cate that this could be a signiﬁcant interference in this study. More
work is obviously required on the exact mechanism of the reaction
between NBD-Cl and O2−.
Fig. 5. Apparent O2− yield from SOTS-1 in seawater as a function of temperatureig. 4. Example plots of the apparent O2− release from SOTS-1 in Antarctic seawat
rations determined by NBD and FC at 37 ◦C using a 1 cm cuvette. (Top, right) Plot
oncentrations determined by NBD and FC at 10 ◦C using a 100 cm LWCC. (Bottom,
. Results and discussion
.1. Superoxide production by SOTS-1 in seawater
.1.1. Detection of the superoxide ﬂux using NBD-Cl or FC
In seawater solutions containing SOTS-1 and NBD-Cl or FC the
oncentration of the absorbing species of the reaction productwith
2
− increased with time (Fig. 4) over all the temperatures ranges
xamined as expected. The data obtained using FC and NBD-Cl was
tted with equation (17), using either the expected value for ASOTS
based on the expected stoichiometry of O2− production, 0.4, and
he concentration of SOTS-1) or the measured absorbance (A∞)
btained after all the SOTS-1has decayed. Typical results are shown
n Fig. 4 for experiments at 10 and 37 ◦C. In all experiments the inte-
rated concentrationofO2− as determinedby reactionwithNBD-Cl
as always greater than that with FC (Fig. 4) and the absorbance
f the NBD-Cl reaction product did not reach a plateau as pre-
icted by equation (16) and was observed for FC. This indicates
hat there were one or more interfering reactions that were ongo-
ng with NBD-Cl after the complete decomposition of the SOTS-1
2
− source. Thus in the case of NBD-Cl, the use of equation (17)
eads to an underestimation of the decay rate of SOTS-1 as the yield
s overestimated due to the interfering reaction. For FC equations
16) and (17) appear to describe the data reasonably well allowing
ood estimates of the SOTS-1 decay rate to be made as a function
f temperature (Table 1).
In nearly all experiments with NBD-Cl the expected ﬁnal yield
f O2−, based on the SOTS-1 concentration added, was exceeded
Fig. 5) and the yield apparently increased with increasing tem-
erature. However at high temperatures the apparent yield of O2−
sing NBD-Cl was greatly in excess of the expected yield from
OTS-1 (Fig. 5) indicating a chemical interference. This was not
nexpected with NBD-Cl as it is well known that it reacts with
mines and thiols to form species which absorb at similar wave-
engths.As the reactionsbetweenNBD-Cl andamines [120]or thiols
96] are strongly temperature dependent and the total concentra-
ion of these species in our Antarctic seawater would have been
xpected to be low (<1M), another reaction must be occurring. Itng two spectrophotometric detection schemes. (Top, left): Integrated O2− concen-
versus time using equation 17 for the data at 37 ◦C. (Bottom, left): Integrated O2−
Plot of kt versus time using equation 17 for the data at 10 ◦C.
is possible that NBD-Cl may react with the ketyl or alkoxyl radicals
producedbySOTS-1as it is hasbeen shown [121] that a relatedben-
zofurazan reacts with peroxyl radicals produced from the thermal
decomposition of 2,2′-azobis(2-amidinopropane) dihydrochloride
(AAPH) [122,123] a compound related to SOTS-1. While reactions
with carbon centered radicals produced by SOTS-1 is possible it
could not explain yields above 250% which were measured at tem-
peratures above 30 ◦C. A more likely source of interference is from
the hydrolysis of NBD-Cl to form NBD-OH which also absorbs at
470nm [120,124] and published hydrolysis rate data at 50 ◦C for
NBD-Cl [125] and at 30 ◦C for the more reactive NBD-F [120] indi-for both FC (squares) and NBD (circles). The error bars for each symbol represent
the 95% conﬁdence intervals for the series of measurements undertaken at each
temperature. The effects of thermal production of O2− can be clearly seen at 30 ◦C
and above for FC and NBD, where the latter is also apparently affected by hydrolysis
reactions. The data at 10 ◦C was measured over 10 days and may have been affected
by light induced reactions.




























































Fig. 6. Eyring plot of the measured thermal dissociation rates of SOTS-1 in seawater0 M.I. Heller, P.L. Croot / Analyt
The apparent overall yield of O2− from SOTS-1 using FC
Fig. 5) was close to the anticipated values in the temperature
ange 20–25 ◦C, with increased yields observed at both 10 ◦C
nd temperatures above 30 ◦C. Parallel experiments using FC in
BS with SOTS-1 at 25 ◦C had yields and decay rates that were
lightly different from seawater, though not statistically signiﬁcant
k(PBS) =2.4±0.3×10−5 s−1, k(SW)=2.2±0.6×10−5 s−1: SOTS-
=15.14M, expected yield 6.06M: Yield (PBS) =5.0±0.6M
83±10%), Yield(SW)=5.6±0.9M (93±15%)). This may indicate
hat the increased yield with SOTS-1 at temperatures above 25 ◦C
as related to reactions between FC and components of the seawa-
er as experiments in PBS with SOTS-1 do not show any evidence
or additional reductants of FC [68].
In the present work we saw no evidence of any inﬂuence on
he results due to any temperature dependence of the FC reaction
ith O2−. Previous work has shown that the rate constant for the
C reaction with O2− varies only slightly [80] over the tempera-
ure range used here and thus should not be a factor in the present
ork. However for NBD-Cl there is only one measurement in the
iterature presently for the rate of reaction of NBD-Cl with O2−
1.5±0.3×10−5 M−1 s−1) [97] but the temperature is not speciﬁed
nd thus we have no indication of the temperature dependence of
his reaction. However given the reactivity of NBD-Cl with other
ucleophiles [126] it is not expected that the rate of this reaction
ould be an issue but instead the loss of NBD-Cl via hydrolysismay
t some point lead to less than 100% trapping of O2− by NBD-Cl.
Another potential problem previously identiﬁed with the use of
C to determine superoxide ﬂuxes over long time periods is due to
he possible underestimation of the actual ﬂux due to the reoxida-
ion of ferrocytochrome to FC by H2O2 which may accumulate in
he samples over time [127]. This effect may occur but is probably
ery small in the present work as the major sink for SOTS-1 pro-
uced O2− would have been the oxidation of O2− to O2 by FC [82],
nd not the formation of H2O2.
NBD-Cl does have the advantage over FC that the absorbance at
he analytical wavelength (470nm) prior to the addition of an O2−
ource is effectively zero, which allows the use of a long pathlength
etection systems. In the case of FC the samples must be diluted
efore measurement as the absorption by FC itself is considerably
hen used in a long pathlength system such as employed here.
his was the case for the samples run at 10 ◦C (Fig. 4 and Table 1)
hich were run over 5 days at low SOTS-1 concentration (3.8M)
nd gave calculated SOTS-1 decay rate and yields (Fig. 5) which
ere higher than expectedwith both FC andNBD-Cl. It is likely that
he faster rate and higher yield found at 10 ◦C was due to handling
rtifacts involved in the dilution of the samples prior to making
bsorbance measurements.
.2. Temperature effects on O2− production by SOTS-1
.2.1. Calculation of the activation energy for SOTS-1 in seawater
The temperature dependence on the thermal decomposition of
OTS-1 in seawater from 21.6 to 37.0 ◦C is shown as an Eyring plot
128] using the FC data in Fig. 6. The data from 10 ◦C was omit-
ed from this analysis due to the experimental problems noted
bove in making these measurements. The estimated activation
nergy (EA) for the thermal decomposition of SOTS-1 in seawater
s 108±29kJmol−1 (n=4, R2 =0.96, 95% CI). Similarly in PBS (n=3,
2 = 0.99, 95% CI) we calculate a value of 115±6kJmol−1. The two
alues are not statistically different given the large error in the sea-
ater value and we would expect that the activation energy is theame in both PBS and seawater given the mechanism shown in
ig. 2. The main reason for the large uncertainty in the seawater
easurements is due to the methods used for trapping the O2−
ormed upon SOTS-1 decay. We are currently looking into develop-
ng a method to directly determine SOTS-1 in seawater in order to(circles) and PBS (triangles). The least squares regression ﬁt to the data is also shown
for PBS (solid line) and seawater (dotted line). Only data between 37.0 and 20.0 ◦C
are included here due to the problems described in the text when measuring at
lower temperatures.
better improve our estimates of k and EA in seawater. Ourmeasured
values are similar to other data for the thermal decomposition of
related azo compounds (112–170kJmol−1) [129,130].
3.2.2. Non-SOTS-1 thermal production of O2− in seawater
The observed increases in the apparent yield of O2− from SOTS-
1 at elevated temperatures using NBD and FC could also be in part
explained by another thermal source of O2− in seawater, the pres-
enceofwhichhaspreviouslybeenoverlooked. Interestingly a series
of studies by Bruskov and coworkers [131–133] has suggested just
such a source exists in simple salt solutions leading to the forma-
tion of H2O2 and other ROS. In theirwork they found that in organic
free NaCl and NaHCO3 solutions, similar in pH and concentration
to seawater, that heating increased H2O2 production. Studies in
artiﬁcial seawater (sea salt dissolved in pure water) revealed H2O2
production rates of ∼16nMh−1 at 40 ◦C with an estimated acti-
vation energy of 87kJmol−1 over the temperature range 40–65 ◦C
[131]. The source of these ROS is suggested to be from the thermal
activation of reducing compounds present in seawater [132].
The production of H2O2 in weak alkaline solutions from reac-
tions between tannin, pyrogallol or gallic acid with O2, presumably
via O2− as an intermediate, were ﬁrst described by Schönbein [134]
in 1860. Later work has examined both the thermal and photo-
chemical pathways of H2O2 formation from these substances [135]
revealing that the rate of this reaction increaseswith increasing pH.
An additional source of O2− could be from the auto-oxidation of
hydroquinones [136] present in seawater from the lysis of bacteria
[32] and phytoplankton [137]. Based on this evidence we suggest
that the presence of a natural thermal source of superoxide must
therefore be considered highly likely in experiments with seawa-
ter at elevated temperatures (>25 ◦C) and in particular when using
coastal seawater with high loadings of terrestrial organic material.
3.3. Determination of superoxide concentrations using MCLA
The production of O2− fromSOTS-1was also followed by chemi-
luminescence using MCLA as the detection probe in both seawater
and PBS in order to validate our theoretical approach. An example
using 7.5M in PBSwith DTPA at 26 ◦C is shown in Fig. 7.We found
excellent agreement between the data and the predicted concen-
trations and ﬂuxes (calculated from equations (23) and (24)) over
2h of measurements.
A further example of a direct comparison for SOTS-1 at 21.6 ◦C
in both PBS and Antarctic seawater is shown in Figs. 8 and 9. Fig. 8
shows the time dependence of the raw count rate from the photon
counter over one and half days and clearly shows the initial build
M.I. Heller, P.L. Croot / Analytica Chimica Acta 667 (2010) 1–13 11
























bnstantaneous concentration of superoxide ([O2−]i). (bottom) Calculated produc-
ion rate (green circles) and model estimates (blue) for superoxide from SOTS-1
n PBS. This experiment was performed at 26 ◦C with O2− detected using MCLA
hemiluminescence.
p to the maximum concentration and then the slow decay after.
o convert the photon counts into [O2−] the following conversion
s valid for this data: [O2−] (nM)= (signal–background)/19600, the
ensitivitymeasuredbycalibrationwithKO2 additionswas∼19600
ounts nM−1 in both PBS and Antarctic seawater, while the back-
round counts were ∼4000 counts in PBS and ∼6000 counts in the
ntarctic seawater. Fig. 9 shows the natural log transformed data
romFig. 8 and it is easy to see the time it takes for thepseudo steady
tate to be established after which equation (27) can be applied in
rder to calculate k, the SOTS-1 decay rate. The time to reach the
aximum O2− was ∼3000 s in line with that predicted by equation
28).
Additionally from the PBS data we can calculate using equa-
ion (24), the value for the second order uncatalyzed dismutation
ate for O2−, assuming that in the presence of DTPA in PBS
here are no other reactions, of k2 =3.0±0.3×105 M−1 s−1 (pH
.5). This value is very close to the value predicted for pH
.5, k2 =2.0×105 M−1 s−1, from the data compilation (pKa = 4.88,
ig. 8. Raw Chemiluminescence output (counts per 200ms time period) obtained
sing as described in the text. For SOTS-1 in PBS (pH 7.4, green) and SW (pH 8.14,
lue).Fig. 9. Natural log of the O2− concentration as a function of time for the data shown
in Fig. 8. For SOTS-1 at 21.6 ◦C in PBS (pH 7.4, green) and SW (pH 8.14, blue).
kHO2/O2− = 8.5 × 10
7 M−1 s−1, k2 = kHO2/O2− × 10
−pH/10−pKa ) by
Bielski et al. [8]. Similarly for the MCLA measurements made in
DTPA amended seawater we calculate using equation (27), a value
of kobs = 0.0020±0.0001, for the reaction of O2− with DOM, This
value is slightly lower thanwe obtained previously (0.004 to 0.006)
in decay experiments with KO2 [5] on water collected on the same
cruise but in different places in the Drake Passage.
During the present work we observed signiﬁcantly different
sensitivities for O2− withMCLAkept at different temperatures. This
was ﬁrst observed during a preliminary experiment at 21.5 ◦C run
over 2 days where we kept one aliquot of MCLA at room tempera-
ture (21.5 ◦C) and another aliquot was kept overnight in the fridge
(7 ◦C) tominimize auto-oxidation. Running sampleswith these two
aliquots we observed that the reagent kept in the fridge gave a
chemiluminescence signal which was 38% less than the solution
maintained at room temperature and this difference decreased as
the reagent warmed up. It is therefore important that the same
temperature is maintained throughout the analysis to avoid this
problem or alternatively, and a much more tedious option, cali-
bration must be performed over a range of temperatures. This is
an important factor to consider in regard to the determination of
vertical proﬁles of O2− production as in situ real time measure-
ments throughout the thermocline would be strongly affected by
this phenomenon.
3.4. Can natural O2− ﬂuxes be measured in seawater?
So is it possible to measure natural O2− ﬂuxes in seawater? The
MCLA chemiluminescence technique seems the most promising as
it is relatively simpleand is alreadyusedat sea. Putting this intoper-
spective, estimates of themidday solar ﬂux ofO2− in surfacewaters
range from 9 to 17nMh−1, which is equivalent to an intial O2− ﬂux
from ∼0.25 to 0.5M SOTS-1 at 25 ◦C. The maximum O2− level
attained in DTPA amended seawater would depend on the value of
kobs for the reaction with organic matter (0.002–0.030 s−1) [5,138],
concentrations of 83–2350pMwouldbe anticipated. The lower end
of this range is still above the detection limit for O2− using MCLA
and indicates that in situ production of O2− could be measured
using this approach if an adequate separation between signal and
noise can be maintained. In natural seawater kobs is increased due
to reactions with trace metals [5], and this would have the effect of
lowering [O2−]i closer to the detection limit of the current MCLA
system. It would however also shorten the time to achieve pseudo
steady state (∼ 1h inDTPA amended seawater). All of thework per-
formed here was carried out in ﬁltered seawater samples. While
this would unlikely affect measurements of photochemically pro-
duced O2− it is still to be determined if these methods will work in
the presence of biology and particles. More work is needed on this
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Spectrophotometric methods may also have a role to play in
easuring O2− ﬂuxes, and in our work FC appears to be the most
uitable reagent for this work. Our data suggests that theminimum
2
− ﬂux that could bemeasuredwith FC using a 100 cmpathlength
ow cell is ∼1pMs−1 as some of the gain in sensitivity in using the
ong pathlength is lost because the sample needs to be diluted to
aintain the absorbance of the FC and ferrocytochrome species
n the linear range. The use of NBD-Cl as a reagent for O2− is not
ecommended at present unless a time consuming HPLC step [125]
s introduced to separate the different interfering reaction products
nd most notably the hydrolysis product, NBD-OH.
SOTS-1 is an easy O2− source to work with and it has few of
he drawbacks that are connected with other commonly used O2−
ources. We have also found in related work that commercially
vailable SOTS-1 is clean enough to be used directly in seawater
ithout altering the metal concentration or speciation apprecia-
ly. Thus we are currently employing and evaluating SOTS-1 as a
ell deﬁned O2− source for studying trace metal redox reactions
n seawater.
. Conclusions
We have shown in this work that through the development of
he appropriatemathematical derivations and theory coupledwith
he use of SOTS-1 as a O2− source that analytical detection systems
or O2− can be calibrated for use in seawater to determine both
oncentrations and ﬂuxes. The overall goal of such work however
s to make such measurements in the ocean in situ and this is the
ogical next step to pursue.
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ABSTRACT 
 The decay kinetics of superoxide (O2-) reacting with organic matter was examined in 
oligotrophic waters at, and nearby, the TENATSO ocean observatory adjacent to the Cape 
Verde archipelago. Superoxide is the short lived primary photochemical product of colored 
dissolved organic matter (CDOM) photolysis and also reacts with CDOM or trace metals 
(Cu, Fe) to form H2O2.  In the present work we focused our investigations on reactions 
between CDOM and superoxide. O2- decay kinetics experiments were performed by adding 
KO2 to diethylenetriaminepentaacetic acid (DTPA) amended seawater and utilizing an 
established chemiluminescence technique for the detection of O2- at nM levels. In Cape 
Verdean waters we found a significant reactivity of superoxide with CDOM with maximal 
rates adjacent to the chlorophyll maximum, presumably from production of new CDOM from 
bacteria/phytoplankton. This work highlights a poorly understood process which impacts on 
the biogeochemical cycling of CDOM and trace metals in the open ocean. 
 
1. INTRODUCTION 
 The superoxide (O2-) radical is suspected to be a critically important species involved 
in the redox cycling of metal ions in natural waters [Heller and Croot, 2009; Rose and Waite, 
2006; Voelker et al., 2000]. In sunlit surface waters O2- is a major product of the photo-
oxidation of colored dissolved organic matter (CDOM) [Micinski et al., 1993; O'Sullivan et 
al., 2005] and it can also be produced via phytoplankton metabolic processes [Marshall et al., 
2005]. Inorganic and organic complexes of Cu(II)/Cu(I) and Fe(II)/Fe(III) can react rapidly 
with superoxide leading to a catalytic cycle for superoxide decay [Voelker et al., 2000]. The 
products of superoxide decomposition are H2O2 and O2, and photochemically produced 
superoxide is believed to be the major pathway for H2O2 formation in the ocean [Croot et al., 
2004; O'Sullivan et al., 2005; Yuan and Shiller, 2001]. There is currently a lack of published 
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data on direct measurements of superoxide production rates from the open ocean, with only a 
recent study on non-photochemical production [Rose et al., 2008] and an earlier study 
investigating photoproduction in the Caribbean [Micinski et al., 1993] available. In the 
absence of direct measurements, H2O2 photo-production rates can be used as a reasonable 
estimate of the major O2- source in the ocean [Zafiriou, 1990]. A number of  reactions have 
been identified in seawater that affect superoxide decay rates and these include; (i) The 2nd 
order uncatalysed dismutation reaction of superoxide with its conjugate acid (HO2) [Zafiriou, 
1990], (ii) Reactions with Cu species in seawater [Voelker et al., 2000], (iii) Reactions with 
Fe species in seawater [Rose and Waite, 2006], and (iv) Reactions with CDOM [Goldstone 











where k2  is the 2nd order uncatalysed dismutation rate constant, [M]X denotes the 
concentration of different metal species, and (kM) is the rate constants for the reactions with 
metals and includes both the Cu(II)/Cu(I) and Fe(III)/Fe(II) redox pairs (see below), the 
reaction with organic substances is described by the first order rate korg. 
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The observed rate of superoxide decay can then be written as follows with only a single term 
















Metal complexes of the chelator diethylenetriaminepentaacetic acid (DTPA) react only very 
slowly with superoxide and so under the conditions of sufficient DTPA to complex reactive 
trace metals it can be assumed that kobs = korg [Goldstone and Voelker, 2000]. 
 CDOM is the main light absorbing substance in the ocean and represents an important 
chromophore in the UV region. CDOM plays an important role in light availability for 
primary productivity [Blough and Del Vecchio, 2002] and for photochemical reactions where 
it is critical to the production of free radical species [Dister and Zafiriou, 1993]. In the open 
ocean CDOM is produced by heterotrophic processes in the upper water column [Steinberg et 
al., 2004] and is destroyed by solar bleaching. Key components identified in CDOM include 
humic and fulvic acids which can also form complexes with trace metals [Cory and 
McKnight, 2005]. The redox active fraction of CDOM, which can easily exchange electrons, 
has been attributed to quinone moieties [Scott et al., 1998]. Quinones can shuttle between 
three redox states; the fully oxidized quinone (Q), which can undergo a one electron 
reduction to the semiquinone radical (Q•-) and with a further one electron reduction to the 
hydroquinone (QH2). Superoxide reacts rapidly with both the quinone and hydroquinone to 
form the radical semiquinone species [Shkarina et al., 2001], which dismutates to reform the 
starting quinone and hydroquinone, thus creating a potential catalytic cycle for the decay of 
superoxide [Goldstone and Voelker, 2000]. H2O2 is also produced from the superoxide 
mediated oxidation of the hydroquinone [Ishii and Fridovich, 1990]. 
22 OQOQ +→+ −•−    (R1) 
2222 OHQOQH +→+ −•−   (R2) 
QQHQQ H +→+ +−•−• 22   (R3) 
where Q is the quinone, QH2 is the hydroquinone and Q•- is the semiquinone radical [Eyer, 
1991; Roginsky et al., 1999]. It should be noted that for reaction 3 there is no pH dependence 
as H+ is not a reactant in the rate limiting step. The initial reaction is to form the quinone and 
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the unprotonated hydroquinone. The pKa’s of hydroquinone are both above pH 8 (pKa1 = 
9.6-10, pKa2 = 11.4-11.9 [Eyer, 1991] and thus at seawater pH the hydroquinone is expected 
to be in the QH2 form. As pointed out by Meisel [1975] for reaction 3 at pH’s below 10 the 
initially formed Q2- will rapidly protonate to form QH2 and thus in seawater the influence of 
pH is not important on this reaction. The pKa for the semiquinone is 4.1 [Eyer, 1991] and 
thus the deprotonated species dominates at seawater pH. The semiquinone radical however 
can also generate superoxide by reactions with oxygen [Meisel, 1975].   
−−• +→+ 22 OQOQ    (R4) 
  The overall aim of our study is to assess the role of superoxide in iron redox cycling 
and its potential for aiding the dissolution of Saharan aerosols deposited in the Tropical 
Atlantic. In this present work we examine the organic (non-metal) pathways for superoxide 
decay in seawater in order to better understand other key pathways for superoxide loss in 
seawater. This is the first study that we are aware of in open ocean waters that focuses on the 
relationship between CDOM and the organic reactions with superoxide in seawater.   
 
2. METHODOLOGY 
2.1 Chemical Analysis 
Reagents.   
All reagents were prepared using 18MΩ cm resistivity water (hereafter MQ water) 
supplied by a combination of an ELIX-3 and Synergy 185 water systems (Millipore). MCLA 
([2-methyl-6-(4-methoxyphenyl)-3,7-dihydroimidazo[1,2-a]pyrazin-3-one, HCl] ), (Fluka ) 
was used as received. A primary 1 mM MCLA standard, was prepared by dissolving 10 mg 
MCLA in 34.5 mL MQ water. Aliquots (1 mL) of the primary solution were then pipetted 
into polyethylene vials and frozen at -80°C until required for use. The working MCLA 
standard, 1 µM, was prepared from a thawed vial of the primary stock by dilution into 1 L 
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MQ water. This solution was buffered in 0.05 M sodium acetate and adjusted to pHNBS of 6 
with quartz distilled 6 M HCl (Q-HCl). A 3.8 mM stock solution of DTPA was made up by 
dissolving 0.6g in 400 mL MQ water. For each experiment a fresh superoxide stock was 
provided in a dark glass bottle by adding a specific amount (8-10 mg) of potassium 
superoxide, KO2, to a pHNBS =13 NaOH solution. This pH ensured a stable superoxide 
concentration over the required experiment time. All plasticware used in this work was 
extensively acid cleaned before use with 0.1 M Q-HCl. 
 
Measurement of Sample pH.  
In the present manuscript we report seawater pH values using the total hydrogen scale 
(pHTOT) [Dickson, 1993] while we use the NBS scale (pHNBS) for pH measurements of 
buffers and other low ionic strength solutions. All pH measurements during the course of this 
work were made using a WTW pH meter 330i calibrated with Tris buffers [Millero et al., 
1993].  
 
Seawater sampling.  
During May 2009 we occupied 3 stations in the vicinity of the island of Sao Vicente 
in the Cape Verde archipelago (see Figure 1): Station 8 (S8) to the North East on May 17 
(17° 20’ N 24° 47’ W), Station 9 (S9) to the South West on May 23 (16° 44’ N 25° 15’ W), 
and Station 10 (S10) on May 30 at the TENATSO time-series observatory (17° 35’ N 24° 15’ 
W). At each station we obtained continuous vertical profiles for temperature, salinity and 
oxygen. Discrete samples were obtained for chlorophyll, CDOM and superoxide decay 
kinetics (Table 1). Macronutrients and H2O2 during May 2009 were only sampled at the 
TENATSO site, which had also previously been sampled for these parameters in November 
2008. Sampling was performed using a CTD-rosette (Seabird) sampling system deployed 
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from the RV Islandia (INDP, Cape Verde). Discrete samples were taken using 8 L Niskin 
Bottles on the 12 bottle rosette. Samples for macronutrients and chlorophyll were analyzed 
using standard protocols [Grasshoff et al., 1999]. 
 
CDOM measurements.  
CDOM measurements were performed using a LWCC-2100 100 cm pathlength liquid 
waveguide cell (World Precision Instruments, Sarasota, FL, USA) and an Ocean Optics 
USB4000 UV-VIS spectrophotometer in conjunction with an Ocean Optics DT-MINI-2-GS 
light source. Samples were syringe filtered through 0.2 µm filters (Sarstedt), the first 10 mL 
were discarded and the absorbance measured by direct injection into the LWCC. Absorbance 
measurements were made relative to MQ water and corrected for the refractive index of 
seawater based on the procedure outlined in Nelson et al. [2007]. The resulting dimensionless 
optical density spectra were converted to absorption coefficient (m-1):  aCDOM(λ) = 2.303 Aλ/ l, 
where 2.303 converts decadal logarithmic absorbance to base e, and l is the effective optical 
pathlength of the waveguide (here 103.8 ± 0.5 cm as determined by the manufacturer).  
 
H2O2 measurements in surface waters. 
Samples for H2O2 were analyzed at sea within 1-2 hours of collection using a flow injection 
chemiluminescence (FIA-CL) reagent injection method [Yuan and Shiller, 1999] as described 
previously [Croot et al., 2004]. In brief, the chemiluminescence of luminol is catalysed by the 
reaction of H2O2 present in the sample with Co2+ at alkaline pH.Samples were analyzed using 
5 replicates: typical precision was 2–3% through the concentration range 1–300 nM, the 
detection limit (3s) is typically 0.2 nM. 
 
Superoxide Measurement Technique and Apparatus.  
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For this work, we employed a chemiluminescence analysis method for superoxide 
utilizing MCLA that has been described previously [Heller and Croot, 2009]. Our system 
utilizes a commercially available FeLume (Wateville Analytical) system, which  is comprised 
of a light tight box equipped with a Plexiglas spiral flow cell mounted below a photon 
counter (Hamamatsu HC135-01). The photon counter is linked via a Bluetooth serial port to a 
laptop computer and controlled through a purpose built LabviewTM (National Instruments) 
virtual instrument. The photon counter has a base counting period of 10 ms, for the present 
work we used average counts of an integration time of 200 ms. Dark background counts for 
this detector were typically 60–120 counts s−1. For O2- determination we ran the sample and 
the MCLA reagent directly into the flow cell using a peristaltic pump (Gilson Minipuls 3, 
operating at 18 rpm,) with the sample line being pulled through the flow cell as this leads to 
the smallest amount of dead time in the system (typically 2-3 s).  The overall flow rate 
through the cell was 8.25 mL min-1, comprising 5.0 mL min-1 from the MCLA and 3.25 mL 
min-1 from the sample. The transit time through the optical cell (300 µL) was therefore 2.18 s. 
 
Field measurements of superoxide reaction rates in seawater.  
Our approach is based on measuring the decay rate of known quantities of added O2- 
(as KO2) to seawater. O2- is detected via its chemiluminescence reaction with MCLA. The 
experimental setup used here was the same as we had used previously [Heller and Croot, 
2009] but in this case consisted of only the sample treatments with DTPA in order to prevent 
reactions with trace metals from occurring.  
For each experiment up to 10 depths from throughout the water column were 
sampled. From each depth a 60 mL Teflon bottle was filled with 40 mL of the fresh collected 
filtered seawater and spiked with DTPA (3.8 µM final concentration). Samples with DTPA 
were left overnight (12 hours) to equilibrate before the addition of superoxide, as we had 
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previously found that shorter equilibration times did not completely remove the influence of 
the metal ions. After equilibration 20 µL of a freshly prepared KO2 solution (~100 µM O2-) 
was added to the samples and immediately injected in the flow injection system where the 
chemiluminescence signal was detected and followed for up to 3 minutes. The superoxide 
concentrations of the KO2 standard was checked by UV spectrophotometry with the same 
100 cm long path as used for the CDOM measurements (above) and the concentration of 
superoxide was calculated by solving for both the superoxide and H2O2 absorbance for 
multiple wavelengths in the range 250 – 300 nm. Values for the molar absorptivity for O2- 
[Bielski et al., 1985] and HO2- [Bielski and Allen, 1977] at pH 12.5 were obtained from the 
relevant literature. 
 
Background Chemiluminescence:  
MCLA produces chemiluminescence by itself due to auto-oxidation of the conjugate 
base of  MCLA with O2 [Fujimori et al., 1993].  Auto-oxidation reactions are reduced by 
using an analytical pH less than the  pKa of MCLA (7.75) [Fujimori et al., 1998] and by 
reducing the MCLA concentration [Kambayashi and Ogino, 2003]. MCLA also reacts 
rapidly with singlet oxygen to produce chemiluminescence [Fujimori et al., 1998] however 
singlet oxygen is present at low pM concentrations as it is efficiently quenched in seawater 
[Cory et al., 2008].  MCLA also does not appreciably react with H2O2 [Kambayashi and 
Ogino, 2003] to produce chemiluminescence at the concentrations encountered (nM to µM) 
in the present work. In our study we ran seawater samples without added superoxide to 
determine the baseline chemiluminescence due to the auto-oxidation reaction of MCLA. The 
baseline values determined in this manner (range: 7000 – 15000 counts per 200 ms period) 
were subtracted from the superoxide decay data in order to correctly determine the decay rate 
(see below). In the present work where we added nM superoxide in order to observe the 
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decay the baseline corrections were relatively minor with regard to the initial counts (< 1%). 
At lower concentrations of superoxide baseline correction is more important as is the signal 
to noise ratio. 
 
Linearity of the MCLA technique:  
We have previously shown [Heller and Croot, 2009] that the chemiluminescence 
response between MCLA and superoxide is linear over the range of superoxide 
concentrations employed in this work. The assessment of this linear response is of course 
complicated by the rapid decay of the superoxide. Previously we performed a series of 
experiments in which seawater samples were spiked with varying amounts of a known 
concentration of superoxide and then calculated the initial superoxide signal based on the 
decay curve. For the configuration used in our experiments we found a linear response, for 
the range 0-90 nM superoxide, as has been shown previously [Mitani et al., 1994; Zheng et 
al., 2003]. A practical concern however is that with high concentrations of superoxide (> 90 
nM) the 1 µM MCLA is insufficient to prevent uncatalysed dismutation of superoxide in the 
pHNBS 6 buffer despite the fast reactivity of MCLA with O2- [Akutsu et al., 1995; Gotoh and 
Niki, 1990]. An additional check on the linearity of the response was that the calculated rates 
in DTPA amended seawater [Heller and Croot, 2009] were not significantly different from 
earlier estimates [Zafiriou, 1990]. This would not have been observed if the response was 
significantly non-linear. 
Precision and Accuracy:  
Analysis of replicate samples using near surface water collected from close to Cape 
Verde, were used to assess the precision of the technique. For this small data set (n=5), kobs = 
0.0245 ± 0.0016 (2σ) indicating a precision of 6.4 % for these samples. The main problem 
associated with this technique initially was the formation of bubbles in the flow cell which 
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gave rise to signal spikes, this problem was reduced when seawater samples were given 
adequate time to come into equilibrium with the laboratory temperature after collection. Care 
is also needed in mixing the samples thoroughly when adding the superoxide.  For the work 
reported here from Cape Verde samples were run in duplicate.   
The accuracy of the MCLA method for the determination of both superoxide concentration 
and the value of the rate constants k1 and k2 are difficult to assess given that the superoxide 
concentration is transient and there are no standard reference materials available with a 
certified rate constant. Thus direct comparison with the earlier work by Goldstone and 
Voelker [Goldstone and Voelker, 2000] on korg (0.1 – 1.4 s-1) is not possible as we did not 
measure the same samples as them and their work was performed using samples with 
significantly higher aCDOM(300) values (0.5 – 20 m-1) than in our work. From our previous 
work [Heller and Croot, 2009] performed in the absence of appreciable DOM we found good 
agreement for the pH dependent value of k2 (our value: 4.4 ± 1.6 x 1012  [H+] M-1 s-1 :pHTOT 
scale,  n = 14, 95% CI) with earlier work  by Zafiriou using spectrophotometry [Zafiriou et 
al., 1998] k2 (5 ± 1 x 1012 [H+] M-1 s-1 :pHNBS scale). Recently we have shown that the MCLA 
technique is highly accurate in seawater when calibrated as described here [Heller and Croot, 
2010]. Thus we believe that our method is at least as accurate, if not better, as other available 
methods including spectrophotometry.   
Measurement of impurities in superoxide standards prepared from KO2 and calibration 
of the initial superoxide concentration. 
(i) Trace Metals: In the last decades KO2 has not been used widely as a source of superoxide 
due to the perception, that it was highly contaminated with metals. However it now appears 
that many of the problems, reported in earlier studies,  with KO2 may have resulted from non 
trace metal clean equipment, most likely from water supplies which did not utilize final 
filtration as was alluded to in some earlier works [Weinstein and Bielski, 1979]. In the course 
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of our work we could find no evidence of any measurements of the trace metal content in 
KO2. Recently [Heller and Croot, 2009] we analyzed directly aliquots of KO2 solutions for 
Fe and Cu and found that the KO2 contained 0.7 ± 0.1 ppm Fe (dry weight) and no detectable 
Cu (less than 0.06 ppm Cu). Thus for the present work, using our standard protocol, we 
would have added ~3 pM Fe (< 0.8 pM Cu) which would provide a maximum additional 
decay rate of 3 x 10-4 s-1 (using a reaction rate with Fe of 1 x 108 M-1 s-1) significantly less 
than our observed rates. Thus the influence of trace metals in the KO2 in our studies was 
apparently not significant to affect the results.  
(ii) There is a significant amount of H2O2 in solutions prepared from KO2 and this is 
unavoidable with any superoxide source, including photochemical and enzymatic production 
pathways. In the course of this work we came across problems with the current 
spectrophotometric methods used for calibrating O2- that was generated photochemically 
using acetone or benzophenone in 2-propanol/water mixtures following the method of 
McDowell et al. [1983]. In brief the absorption spectra of acetone [Feigenbrugel et al., 2005] 
and benzophenone [Bennett and Johnston, 1994] overlap with that of O2- [Bielski et al., 1985] 
and the reaction with benzophenone also produces acetone [Görner, 2006; 2007].  Similarly 
another common system used to generate a flux of O2- , Xanthine/Xanthine Oxidase also has 
been shown to be more complicated than first thought [Hodges et al., 2000]. Thus in the 
present work we chose to use KO2 as our source for O2- in simple pulse chase decay 
experiments. In this work we always made measurements in order to determine the 
concentrations of both species in each standard solution prepared by UV spectrophotometry 
with either a LWCC-2100 100 cm pathlength liquid waveguide cell (World Precision 
Instruments, Sarasota, FL, USA), or a 10 cm Quartz-cuvette (Hellma), and an Ocean Optics 
USB4000 UV-VIS spectrophotometer combined with an Ocean Optics DT-MINI-2-GS light 
source. Concentrations of H2O2 and O2- were determined by determining the least squares 
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solution to the measured absorbance, at multiple wavelengths, by using published molar 
extinction coefficients for H2O2 [Bielski and Allen, 1977] and O2- [Bielski et al., 1985]. A full 
description of this method can be found in Heller and Croot [2010]. Mean initial 
concentrations in the primary KO2 solution assessed in this way were 900 ± 50 µM for H2O2  
and 90 ± 10 µM O2-. No DTPA or other complexing agents were added to our KO2 primary 
solution. H2O2 in the final seawater solutions was also assessed on occasion by using the 
chemiluminescence flow injection method [Yuan and Shiller, 1999] described above. 
 
Effect of KO2 addition on pH of samples 
In earlier works on superoxide kinetics in seawater, authors either did not report 
which pH scale they used or have used pHNBS, apparently unaware of problems with this 
scale at high ionic strengths [Dickson, 1993; Millero et al., 1993]. In the present work we are 
able to calculate the in situ and laboratory pHTOT based on temperature, pressure, salinity, 
nutrient, alkalinity and TCO2 data, provided by the TENATSO laboratory at the INDP in 
Cape Verde. Laboratory pHTOT measurements were also made on the samples prior and after 
the addition of superoxide. In all cases pHTOT increased after the addition of superoxide by 
approximately 0.08-0.10 pHTOT units.  These small increases in pHTOT however did not 
apparently affect first order decay rates in any significant manner as evidenced by the good 
precision for kobs found over a range of superoxide additions (see section above on precision) 
where the maximal pHTOT change was up to 0.20 pH units. It should be noted that a larger 
pHTOT change was induced by the warming of the samples to the laboratory temperature and 
these temperature induced changes in superoxide reactivity need to be considered when 
considering in situ rates.  
 
2.2 Calculation of rate data for superoxide.  
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The raw chemiluminescence signal for the reaction between MCLA and O2- recorded 
by the computer was processed using a specially designed LabviewTM VI constructed for this 
purpose using standard kinetic fitting procedures, incorporating the non-linear Levenberg-
Marquardt algorithm [Levenberg, 1944; Marquardt, 1963], to determine both the 1st (in the 
following k1 is equivalent to  kobs) and 2nd order (k2) rates simultaneously (equation 3). 



























  (5) 
 
 Note that for the above equation when k2 = 0 (no dismutation) the solution to equation 5 is 
the same as that for a normal first order reaction. However the equation does not collapse to 
solely second order when k1 = 0 due to the assumption made in the derivation that k1 ≠ 0. 
Thus in the case of k1 = 0 the normal 2nd order rate equation should be used, for practical 
purposes in this work this was done when k1 < 1x10-4 s-1. Using the same reasoning the 
minimum value for k1 (kobs) that can be estimated using our approach is 1x10-4 s-1. 
 
3. RESULTS AND DISCUSSION 
3.1 Vertical profiles of superoxide organic matter kinetics.  
Typical results for the O2- decay in DTPA amended seawater are shown in figure 2 for 
two samples from different depths at S9. Both decay curves show the typical rapid decay of 
superoxide (initially ~100 nM) within the first 10 seconds before the sample has reached the 
detector. What is most interesting to note however is that the sample from 150 m displays 
two distinct decay rates (easily seen in the natural log transformed data), a fast initial rate for 
the first 60 s which is followed by an extremely slow decay, while the sample from 10 m only 
decays at an essentially constant rate. For the data from 150 m at S9 (Figure 2) we assessed 
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changes in the first order decay rate (korg) over the course of the experiment, by analyzing the 
data over different time intervals. Using this approach it indictaed that  korg in this sample 
reduced from 0.026 to 0.0046 s-1 over the course of the decay experiment. This change in the 
decay rate suggests either the appearance of a significant back reaction producing superoxide 
(see below) or alternatively that there were two pools of organic matter reacting with 
superoxide, a small highly reactive pool which was mostly responsible for the initial fast 
reaction rate and a larger less reactive group of organic molecules that corresponded to the 
slower rate observed in the later part of the experiment. This change in the reaction rate with 
time was seen throughout the mid depth range (60-150 m) at S9, but was not apparent at S8 
and S10.  
For the vertical profiles at S9 there was a clear maximum in korg in the depth range 60-
100 m which was below the mixed layer depth (MLD) but still within the euphotic zone 
(Figure 3). This maximum was not as distinct in the other two stations where decay rates 
were relatively uniform. Overall, with the exception of the samples mentioned above from 
S9, in every experiment the decay of O2- in DTPA amended seawater showed constant first 
order decay kinetics with korg ranging from 0.009 to 0.034 s-1 (Table 1), additionally for these 
samples the decay rate was found to not appreciably vary (less than 5%) as a function of  the 
superoxide concentration (0-20 nM) suggesting that the reaction was not limited by the 
concentration of DOM or alternatively that a catalytic cycle with components of the DOM 
had been established.  
 
3.2 Is there a relationship between CDOM and superoxide kinetics? 
In the present work we use values of aCDOM(300) as a proxy for DOM, as unfortunately 
we do not have any measurements of Dissolved Organic Carbon (DOC) from these stations. 
Profiles of aCDOM(300) at S9 and S10 showed distinct maxima at 80 m just below the deep 
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chlorophyll maxima (DCM) at 60 m (Figure 3) as has been observed previously in the 
Tropical Atlantic [Kitidis et al., 2006]. At S8 however aCDOM(300) was relatively uniform 
throughout the upper 400 m despite a well developed DCM at 60 m. Mixed Layer depths 
(MLD-calculated as the depth at which σ
θ 
had increased by 0.05 over the surface value) at the 
time of sampling ranged from 27 m at S8, 33 m at S9, to 50 m at S10 (Figure 2). For S10 the 
sampling was in the early morning when the MLD is at its deepest due to night time 
convective cooling [Brainerd and Gregg, 1995]. Both S8 and S9 represent late afternoon 
stations when MLD are shallower. At all stations surveyed in May 2009 the DCM was below 
the MLD.   
CDOM is comprised of an unknown number of potential chromophores [Nelson and 
Siegel, 2002] and forms only a small part of the DOC pool in the ocean, of which it is 
suggested to be a refractory component [Nelson et al., 2007]. The sources of CDOM are not 
well described but include zooplankton and protozoan grazing [Steinberg et al., 2004], 
bacterial production [Nelson et al., 2004] and riverine input [Blough and Del Vecchio, 2002]. 
There are no major riverine sources in our study region [Cotrim da Cunha et al., 2009] and 
our data strongly suggests that both the maxima in aCDOM(300) and korg could be related to the 
remineralization of organic matter below the DCM via zooplankton grazing and bacterial 
activity.  
Previous work has suggested correlations between aCDOM(300) and (i) radical 
production via sunlight irradiation [Dister and Zafiriou, 1993; O'Sullivan et al., 2005] and (ii) 
superoxide decay in DTPA amended coastal seawater [Goldstone and Voelker, 2000].  The 
relationship between aCDOM(300) and radical production we can not assess here directly as we 
did not examine production rates, however in the earlier study by O’Sullivan and coworkers 
[2005] the quantum yield of H2O2 was determined in the laboratory from photolysis of 
CDOM in natural water samples, including samples from rivers, estuaries, and both the 
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coastal and open ocean. These authors found that the H2O2 quantum yield measured at 290 
nm ranged from 4.2 x 10-4 in freshwater to 2.1 x 10-6 in marine waters and a linear 
relationship was found between the production of H2O2 and the loss of absorbance in the 
CDOM spectrum due to photobleaching. These authors also observed no significant 
relationship between H2O2 production and the dissolved organic carbon (DOC) 
concentration. However samples which contained terrigeneous carbon in the form of humic 
substances showed a higher H2O2 production. In the context of the present work, Figure 3 
indicates that there was potentially photo-bleaching occurring in the surface waters of S8 and 
S9 as evidenced by small decreases in aCDOM(300) values from depth towards the surface. No 
such gradient in aCDOM(300) is apparent at S10, however diel cycles may be important here, as 
S10 is the only station which was sampled in the morning after night time convective mixing 
could have eroded such a feature away. 
The correlation between aCDOM(300) and korg found by Goldstone and Voelker [2000] 
for DTPA amended coastal seawater samples, predicts for our measured aCDOM(300) values,  
korg = 0.1-0.2 s-1, an order of magnitude more than what we observed (Table 1). Unlike the 
earlier coastal study, we found no statistically significant correlation between aCDOM(300) and 
korg at any of the stations we sampled. This result strongly suggests that open ocean CDOM is 
significantly less reactive with superoxide than coastal waters and this may be related to the 
lack of riverine and terrestrial derived humic materials in open ocean waters.  It also strongly 
suggests that the organic components reacting with superoxide in seawater make only minor 
contributions to aCDOM(300) in open ocean waters.  To examine further the influence of 
CDOM/DOM on superoxide kinetics we routinely made a series of experiments with samples 
diluted with MQ, but using the same DTPA concentration, to check that the observed reaction 
was due to components in the seawater. In all cases the observed value of korg varied linearly 
with the proportion of seawater in the sample (Figure 4), which when coupled with the 
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assumption that DTPA complexation removed the reaction with trace metals, strongly 
suggests that it was an organic component of the seawater that was responsible for the 
observed first order decay of superoxide. In all samples measured in our study we observed 
superoxide decay rates significantly in excess of that expected solely from the uncatalysed 
dismutation reaction, the kinetics of which is well described from studies in pure water 
[Bielski et al., 1985] and seawater [Heller and Croot, 2009; Zafiriou, 1990].  
There are only a few open ocean studies of superoxide decay, our earlier study in the 
Southern Ocean [Heller and Croot, 2009] found no significant organic mediated decay. 
Higher values (korg = 0.02 – 1.4 s-1) were found in coastal waters [Goldstone and Voelker, 
2000] where DTPA was allowed to equilibrate with the seawater for several hours before 
analysis and a photochemical source of superoxide was used. The equilibration time with 
DTPA is a critical parameter to consider as we had previously observed in Southern Ocean 
samples [Heller and Croot, 2009] that 2 hours equilibration was insufficient to complex all 
metal reactions and that 12 hours was optimal. A recent study in the Tropical Pacific [Rose et 
al., 2008] found values of 9.7 x 10-3 s-1  > k > 1 x 10-4 s-1, but in this work DTPA was added 
immediately prior to measurement and an enzymatic source for superoxide was employed. 
This work is then difficult to compare with as the metal reactions are still included and 
problems also exist regarding the superoxide source. This is an important difference between 
our work and Rose et al. as enzymatic sources, with constant generation of superoxide, can 
not be used in a simple pulse chase experiment such as performed in this work and instead 
must rely on the achievement of steady state conditions in order to calculate the decay rate 
from a production rate estimate.    
 
3.3 What organic species are reacting with O2-?  
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In the present work we have examined the relationship between DOM and superoxide 
decay kinetics with the initial assumption that CDOM is proportional to the reactive organic 
component. Our results suggest that there is not a clear link between bulk CDOM and 
superoxide reactivity in open ocean waters. However CDOM is obviously still critical for the 
photo-production of superoxide [Dister and Zafiriou, 1993; Micinski et al., 1993]. In this 
section we examine what organic species present in seawater may be responsible for the 
observed reactions with superoxide. Where rate constants are known for these reactions they 
are summarized in Table 2.  
Quinones are cellular components in bacteria  [Akagawa-Matsushita et al., 1992], 
marine fungi [Bugni et al., 2000; Son et al., 2002]  and phytoplankton [Greene et al., 1992; 
Miller et al., 2009] which can be released to the water upon grazing or cell-lysis.  There is 
currently increased interest in quinone/hydroquinone chemistry in natural waters due to their 
presence in humic and fulvic substances [Miller et al., 2009; Tossell, 2009], where they may 
be responsible for much of the humic component in CDOM fluorescence [Cory and 
McKnight, 2005; Klapper et al., 2002]. The possible impacts on biogeochemical cycles 
mediated by quinones was recently the subject of a review article [Uchimiya and Stone, 
2009].  We could find no reports in the literature for the concentrations of quinones in the 
dissolved phase in seawater. Quinone like moieties have been detected in marine particles 
however [Brandes et al., 2004] where they may contribute up to 10% of the particle content. 
Quinones may also be formed abiotically from reactions between proteins and carbohydrates 
in seawater [Hedges, 1978].  
Quinones react rapidly with superoxide (kR1 1-9 x 108 M-1 s-1) [Bielski et al., 1985]  
and have been suggested previously to be the potential reactants in seawater [Goldstone and 
Voelker, 2000]. Using published data for the model quinone 1,4-benzoquinone (kR1 = 1 x 109 
M-1 s-1, for reaction with superoxide) [Meisel, 1975], its semiquinone radical (kR3 = 2.3 x 107 
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M-1 s-1, self reaction) [Meisel, 1975]  and hydroquinone (kR2 = 1.7 x 107 M-1 s-1, for reaction 
with superoxide)[Rao and Hayon, 1975]  here we estimate, via simple numerical modeling 
incorporating the quinone reactions (R1-R4) described above and the uncatalysed dismutation 
reaction for O2-, that a korg = 0.03 s-1 would require a total quinone and hydroquinone 
concentration of ~9 nM for catalytic cycling under the conditions of our experiments. Note 
that the reaction between the semiquinone and superoxide is not included here as the reaction 
rate constant is presently unknown, however previous work suggests that it does not influence 
the overall reaction kinetics significantly [Ishii and Fridovich, 1990; Roginsky and 
Barsukova, 2000]. The reaction between the hydroquinone and O2 is also neglected as it is 
slow due to it being spin forbidden [Roginsky and Barsukova, 2000].   
Figure 5 illustrates the results for a numerical simulation of the reaction between 10 
nM of quinone/hydroquinone and 100 nM of superoxide using the reaction rates mentioned 
above. It is clear from figure 5 that the decay rate is first order over the first 60 seconds but 
then slows as the production of superoxide from the semiquinone reaction with oxygen 
begins to become more important when superoxide drops below ~10 nM.  The modeled result 
is similar to what was observed in figure 2 for the sample from S9 at 150 m, hinting that 
reactions with quinones may have been important there. The critical reactions involved are 
the rate of regeneration of superoxide from the reaction between oxygen and the semiquinone 
radical (kR4 = 5 x104 M-1 s-1) [Eyer, 1991] and the dismutation rate of the radical into the 
quinone and the hydroquinone (kR2 = 2.3 x 107 M-1 s-1). This also helps to explain why there 
was no apparent relationship between korg with CDOM absorbance as at a concentration of 10 
nM of the quinone no relationship with CDOM absorbance should be expected as the 
contribution of the quinone to the CDOM absorbance is on the order of 0.5 to 1 %. Based on 
a typical molar absorption of 2500 M-1 cm-1 at 290 nm for the hydroquinone and significantly 
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less for the quinone, thus  with a  1m path length this corresponds to an absorbance of 0.0025 
when the overall absorbance is 0.3 to 0.6 as seen in figure 3.  
 Using our values for korg and compilations of O2- reaction rates with organic 
compounds [Bielski et al., 1985; Shkarina et al., 2001] we can draw up a list of alternative 
organic compounds that could also be responsible for the observed reaction kinetics (Table 
2). Of all the candidate molecules, the quinones as discussed above are still the most likely. 
Two candidates do stand out as having some small influence on the observed rates. 
Glutathione and related thiols react rapidly with superoxide (k = 6.7 x 105 M-1 s-1) [Asada and 
Kanematsu, 1976] but so far have been only found at sub nM concentrations in seawater 
[Dupont et al., 2006].  Catechols (k =  2.7 x 105 M-1 s-1) may be present in seawater at low 
nM levels as siderophores [Butler, 2005] and can be further oxidized to quinones.  Currently 
however there is no information on the concentrations of quinones, catechols or thiols in the 
waters around Cape Verde and so no firm conclusions can be drawn on the identification of 
the organic species reacting with superoxide. 
 
3.4 Superoxide kinetics and H2O2 production at TENATSO.  
At the TENATSO site (S10) surface concentrations of nitrate and phosphate were at 
trace levels in the mixed layer, below which the nutricline appeared along with a distinct 
nitrite maximum at 60 m (Figure 6) coincident with the DCM (Figure 3). In both November 
2008 and May 2009, H2O2 was relatively constant in the upper 50m and decreased rapidly 
below (Figure 6) consistent with previous data from this region [Croot et al., 2004; 
Steigenberger and Croot, 2008]. Both the H2O2 and nitrite profiles show the importance of 
photochemistry on the distribution of these species in the water column, but also show the 
contrast between the species in terms of photo-production (H2O2) and photodecay (Nitrite).  
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Interestingly there was a strong correlation between H2O2 concentrations and korg for 
samples below the MLD (R2 = 0.93, n=7, figure 7) away from the main photo-production 
zone for H2O2. This raises the intriguing possibility that if quinones are determining korg then 
the relationship to H2O2 in deep waters may be due to the back reaction between O2 and the 
semiquinone radical producing superoxide (R4) which in turn can react via a number of 
pathways, including reaction with hydroquinone, to produce H2O2 (R2).  The reaction scheme 
outlined is in essence the same as that for the auto-oxidation of hydroquinones [Eyer, 1991; 
Ishii and Fridovich, 1990] and could be responsible for part of the observed deep water H2O2 
production that maintains the low concentrations observed there [Yuan and Shiller, 2004]. 
Repeating the numerical modeling performed above for the O2- decay experiments in the 
presence of quinones, but in the absence of an external O2- source, suggests that a constant 
production rate of 1 nM per day of H2O2 can be generated using only the catalytic action of 2 
nM hydroquinone and a steady state O2- concentration of 0.65 pM resulting from the reaction 
between O2 and the semiquinone radical. This model result is however clearly a 
simplification as reactions with trace metals are most likely also important in the deep waters 
and they potentially may accelerate reactions forming H2O2 directly  [Li and Trush, 1993] but 
also may reduce the O2-  steady state concentration [Heller and Croot, 2009]. Further work is 
therefore necessary to elucidate the role of quinones within DOM and their potential role in 
redox cycling in the ocean. The use of fluorescence techniques to quantify the quinone 
content of CDOM [Cory and McKnight, 2005] appears a promising method for application to 
marine studies. 
   
4. CONCLUSIONS 
In Tropical Atlantic waters we observed significant reactions for superoxide with 
organic matter in the upper water column. Vertical profiles of korg were similar to, but not 
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identical to, profiles of aCDOM(300). At one station maxima for korg were found just below the 
chlorophyll maximum, suggesting that this pattern may be due to the production or release of 
unbleached organic matter. Following up on earlier suggestions that the superoxide reactive 
component of CDOM may comprise quinone functional groups, exudated from bacteria or 
phytoplankton, our results indicate that nM concentrations of dissolved quinones could be 
responsible for the observed korg values. Though there is currently no data on quinones in 
seawater to confirm this. Our work highlights a poorly understood process which impacts on 
the biogeochemical cycling of CDOM, H2O2 and trace metals in the open ocean. 
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Figure 1: Location of the sampling stations referred to in the text. Station 8 (S8) is shown as a 
green triangle, Station 9 (S9) is a red circle and Station 10 (S10 TENATSO) is depicted as a 
blue square. 
 
Figure 2: (left) Observed superoxide decay for DTPA amended seawater for 2 samples from 
Station 9. (right) natural log transformed data of the superoxide decay rate in the left panel. 
 
Figure 3: Vertical profiles of parameters measured in this study for 3 stations in the vicinity 
of Sao Vicente, Cape Verde. (Top) Observed first order O2- decay kinetics in seawater 
equilibrated with DTPA and CDOM absorbance (300 nm) (Bottom) Vertical profiles of 
density anomaly (σ
θ
) and Chlorophyll. Error bars are shown for the 95% confidence interval. 
 
Figure 4: Variation in measured korg for seawater diluted with Milli-Q from 3 near surface 
samples collected during the period July 2008 – May 2009. 
 
Figure 5: (left) Variation in the concentrations of quinone species as a function of time for a 
numerically simulated superoxide (100 nM) addition experiment.  (right) Semi-logarithimic 
plot of the superoxide decay in the same experiment, the initial decay rate is shown as a black 
line, the overall decay is shown as a purple line. In this experiment the initial conditions were 
5 nM quinone plus 5 nM hydroquinone, though experiments initialized with 10 nM quinone 
or 10 nM hydroquinone gave almost identical results after 5s of simulated reaction time.  
 
Figure 6: (left) H2O2 and (right) nitrite vertical profiles from TENATSO (17° 35’ N, 24° 15’ 
W). Error bars are shown for the 95% confidence interval. 
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Figure 7: The linear relationship between korg and H2O2 for waters below the mixed layer at 
the TENATSO site in May 2009. 
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Table 1: Superoxide decay kinetics and aCDOM(300 nm) measured during this study. 
Station Depth (m) korg   (s-1) A aCDOM  (m-1) 
S08 10 -0.0093 ± 0.0002 0.364 
S08 20 -0.0158 ± 0.0004 0.391 
S08 30 -0.0147 ± 0.0002 0.415 
S08 40 -0.0138 ± 0.0002 0.428 
S08 60 -0.0134 ± 0.0002 0.433 
S08 70 -0.0133 ± 0.0002 0.417 
S08 80 -0.0119 ± 0.0003 0.337 
S08 100 -0.0125 ± 0.0002 0.444 
S08 150 -0.0116 ± 0.0003 0.293 
S08 200 -0.0155 ± 0.0004 0.377 
S08 300 -0.0137 ± 0.0003 0.368 
S08 400 -0.0153 ± 0.0004 0.297 
S09 10 -0.0156 ± 0.0002 0.308 
S09 20 -0.0133 ± 0.0002 0.158 
S09 30 -0.0123 ± 0.0002 0.240 
S09 40 -0.0175 ± 0.0002 0.308 
S09 60 -0.0190  ± 0.0004B 0.411 
S09 70 -0.0342 ± 0.0011B 0.455 
S09 80 -0.0321 ± 0.0005B 0.668 
S09 100 -0.0325 ± 0.0006B 0.311 
S09 150 -0.0256 ± 0.0002B 0.304 
S09 200 -0.0266 ± 0.0003 0.277 
S09 300 -0.0162 ± 0.0002 0.260 
S09 400 -0.0142 ± 0.0002 0.413 
S10 5 -0.0147 ± 0.0002 0.497 
S10 10 -0.0129 ± 0.0003 0.482 
S10 20 -0.0133 ± 0.0004 0.497 
S10 30 -0.0130 ± 0.0002 0.495 
S10 40 -0.0151 ± 0.0002 0.477 
S10 50 -0.0168 ± 0.0002 0.533 
S10 60 -0.0199 ± 0.0017 0.581 
S10 80 -0.0145 ± 0.0004 0.797 
S10 100 -0.0179 ± 0.0002 0.586 
S10 120 -0.0151 ± 0.0002  0.553 
S10 150 -0.0123 ± 0.0005 0.548 
S10 200 -0.0153 ± 0.0015 0.655 
AAll errors are reported to the 95% confidence interval. The error in aCDOM is ±0.004 at the 
95% confidence interval. 
BData displayed an initial fast decay rate and a slower secondary rate, the initial rate is 
reported here.
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Table 2: Reaction rates of organic species relevant to seawater involving O2-  
Reactant Reaction Rate M-1 s-1 Reference 
Consumption of Superoxide 
1,4-benzoquinone Q + O2- →  Q•- + O2 8 x 108 [Meisel, 1975] 
hydroquinone QH2 + O2- → Q•- + H2O2 1.7 x 107 [Rao and Hayon, 1975] 
glutathione GSH + O2- + H+→  GS• + H2O2 6.7 x 105 [Asada and Kanematsu, 1976] 
catechol Q(OH)2 + O2- → QO2•- + H2O2 2.7 x 105 [Bielski et al., 1985] 
Production of Superoxide 
semiquinone radical Q•- + O2 → Q + O2- 5 x 104 [Eyer, 1991] 
Related Quinone/Hydroquinone reactions 
Dismutation 2Q•- → Q + Q2- 2.3 x 107 [Meisel, 1975] 
 
Note: Hydroquinone is a 1,4 diol and catechol is a 1,2 diol, both upon reaction with superoxide form their respective semiquinone radicals. Only 
compounds with reaction rate constants  > 1 x 105 M-1 s-1 were considered here [Bielski et al., 1985], this then excludes amino acids, sugars, 
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ABSTRACT 
 It is been well demonstrated that the major source of iron (Fe) to the Tropical Atlantic 
is through aeolian deposition of Saharan dust. However presently we know very little about 
the dissolution processes of these aerosols in the sunlit productive surface waters of this 
region. Candidate processes identified as being potentially critical to dust dissolution include 
thermal dissolution, direct photochemical reduction, ligand induced dissolution and reductive 
dissolution by superoxide (O2-), formed predominantly by photochemical reactions with 
dissolved organic matter in seawater. O2- is short lived (half life: 1-100 s) in seawater as it 
reacts rapidly with both the (Fe(II)/Fe(III)) and copper (Cu(I)/Cu(II)) redox couples and to a 
less extent with dissolved organic matter. In the euphotic zone where high fluxes of sunlight 
and potentially O2- exist there exists the possibility of a kinetic controlled reduction of Fe in 
colloids and particles to the more soluble and bioavailable Fe(II). However, presently no 
information is available from the open ocean on the rates that this process may be occurring.  
Here we present data using a new methodological approach to assess trace metal speciation 
which involves the measurement of O2- decay kinetics. Our method allows an assessment of 
changes in both the organic reactivity with O2- simultaneously with apparent changes in the 
speciation of iron and/or copper. Our approach allows evaluation of the importance of each of 
the different reaction pathways for O2- and thus the factors which control metal redox 
speciation in seawater. In the present work we applied this technique using seawater collected 
in the vicinity of the island of Sao Vicente, Cape Verde, to dust incubation experiments to 
ascertain rapidly if dust dissolution had altered the in situ iron speciation in seawater. 
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1. Introduction 
1.1 Importance of dust dissolution to open ocean biogeochemical cycles 
1.1.1 Global Importance 
The main input of crustal elements (Fe, Mn, Al) to the ocean is through aeolian dust 
transport from mainly the great deserts of this world. The supply of these elements to surface 
waters is a major process affecting their distribution and biogeochemistry in the global ocean. 
This is particularly important in HNLC (high nutrient low chlorophyll) regions, which receive 
low dust inputs, such as the Southern Ocean and the equatorial Pacific, where iron has been 
demonstrated to be the key limiting element for phytoplankton growth (Boyd et al., 2000; 
Coale et al., 1996). While the importance of dust supply as a source of iron to the ocean has 
been recognized now for some time still very little is known about the biogeochemical 
processes driving dust dissolution in the surface ocean immediately after dust deposition has 
occurred.  
The total aeolian flux of desert dust to the surface waters of the oceans is relatively 
well constrained but the fraction which subsequently dissolves, for metals such as iron, and 
which is then available for the growth of phytoplankton is not well known at present. Global 
models assume that only 1-2% of the aerosols which are transported to the ocean are 
converted into dissolved iron in seawater. However field measurements show a much wider 
range of values depending on the dust loading and source (Baker and Croot, 2008; Baker and 
Jickells, 2006). Particle size may also be important in determining the aerosol solubility 
(Baker and Jickells, 2006) and this could result in regional differenes as the average particle 
size decreases with distance from the desert source although some large particles (>20µm) can 
be transported over long distances (Mahowald et al., 2005). Studies of Saharan dust have 
shown that the particle diameter decreased from ~7-28 µm at the coast of West Africa (Stuut 
et al., 2005) to 1-3 in Caribbean waters (Talbot et al., 1986).  
Observations of temporal changes in the concentration of dissolved iron show that the 
input through dust must be significantly higher than the model results (Sedwick et al., 2007). 
In the Southern Hemisphere the dust deposition is significantly lower than in the Northern 
hemisphere due to the lack of land masses to act as source regions. In the tropical Atlantic 
which receives high dust fluxes, iron is found in relatively high concentrations in the surface 
waters, and the particle fluxes to the deep waters are also dominated by dust inputs (Croot et 
al., 2004; Kremling and Streu, 1993).  
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1.1.2 Saharan dust deposition to the Cape Verde archipelago   
 The Cape Verdean Islands are located along the main transport pathway for Saharan 
dust originating from the Saharan and Sahel zones of the West African continent.   In a key 
early study Chiapello (1995) reported results from an aerosol monitoring station on the north 
eastern most island of Sal in the Cape Verde group between December 1991 and December 
1994. This study found a distinct seasonal pattern which showed maximum dust input during 
the winter months of December and January. The meteorological analysis of this season 
suggested that the dust transport occurred in the trade winds and at low altitudes. This is in 
contrast to the seasonal signal at Miami and Barbados (Prospero, 1999) which has a clear 
maximum  in the summer months of June and July. The reason for this seasonal difference 
lies in the different mechanisms of dust plume generation operating at these times and in 
particularly in the summer when Saharan dust outbreaks are formed by the uplifting of hot dry 
air which entrains aerosols and is sub subsequently transported westward in the Saharan air 
layer (SAL) (Karyampudi et al., 1999). The westward passage of the SAL during summer 
sees the dust pass high over the Eastern Atlantic and Cape Verde but as the air mass cools and 
sinks the dust is deposited in the Western Atlantic. 
 Charles Darwin was one of the first to describe the reddish brown dust that covered 
ships as they sailed through this region (Darwin, 1846).  This main component of the dust is  
hematite probably mixed with goethite (Balsam et al., 1995). It was also shown that hematite 
has a northerly Saharan source while goethite originates from the Sahel. The quantity of iron-
stained quartz differs depending from where it originates. South Saharan and Sahelian dust 
was found to contain 57%, whereas the dust from the central and North Saharan had only a 
content of 5-15% of iron-stained quartz. This is important as iron-stained quartz is typical for 
the winter dust plume which has its origin in Senegal whereas the summer dust bloom has 
clearly lower iron-stained quartz content. The summer dust blooms extent north from Senegal 
in Mauritania and in the Western Sahara. Moreover it was found that the dust of the winter 
bloom is richer in kaolinite but the dust mostly transported in summer has a higher content of 
carbonate, illite, chlorite and feldspar (Balsam et al., 1995). The iron oxides have been found 
to be transported 3300 km from the African coast whereas the transportation distance of 
quartz decreased rapidly from the coast (Kolla et al., 1979) most probably due to the coarser 
grain size compared to the iron oxides.  
 Primary productivity in the oligotrophic eastern tropical Atlantic around the Cape 
Verde islands is strongly limited by the availability of fixed nitrogen (Michaels et al., 1996). 
Much of the primary productivity of the oligotrophic North East Atlantic is apparently driven 
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by nitrogen fixing cyanobacteria (Voss et al., 2004), including the well known species 
Trichodesmium (Tyrrell et al., 2003), which utilize the enzyme nitrogenase (Chen et al., 
1998). Indeed recent work has shown that the nifH gene, which can be used as marker for 
nitrogenase using species, is widespread in this region (Langlois et al., 2005). Nitrogen 
fixation in this area has been shown via bioassay experiments to be limited by phosphorous 
(Sañudo-Wilhelmy et al., 2001), iron (Moore et al., 2009) and a combination of iron and 
phosphorous (Mills et al., 2004).  
 
1.2 Processes potentially affecting dust dissolution in the open ocean 
 There are several identified processes that are potentially key to the dissolution of dust 
or aerosol recently deposited to the surface ocean. Figure 1 summarizes the main reaction 
pathways that are known presently and in the following text they are in turn briefly discussed.  
 
1.2.1 Iron solubility and redox speciation  
 Fe(III) is the thermodynamically favored form of iron under oxygenated seawater 
conditions but undergoes rapid precipitation or particle scavenging in the formation of various 
Fe(III)-oxyhydroxide phases with differing chemical reactivities (Kuma et al., 1996). In  
seawater dissolved Fe(III) has been shown to be complexed by strong ligands (Croot and 
Johansson, 2000; Rue and Bruland, 1995), presumably produced by bacteria or 
phytoplankton, a consequence of  which is to increase the solubility of iron in seawater (Liu 
and Millero, 2002).  
Fe(II), the more bioavailable form, is presently viewed as a reactive intermediate in 
iron cycling, primarily generated by photochemical processes (Johnson et al., 1994), and 
existing at extremely low concentrations (pM or less) in oxic-seawater because of rapid 
oxidation by O2 and H2O2 (Millero and Sotolongo, 1989; Millero et al., 1987). The reduction 
of Fe(III) to Fe(II) by photochemical, or biological processes, is a possible mechanism to 
access soluble Fe(II) in seawater (Croot and Laan, 2002). Organic complexation of Fe(II) in 
seawater is suspected, based on slower Fe(II) oxidation rates (Croot et al., 2007), but no 
definitive evidence has been presented yet.  
 
1.2.2 Dust dissolution via organic complexation of Iron 
It is well known that siderophores play an important role in the acquisition of iron 
(Neilands, 1995). Siderophores employ functional groups such as hydroxamate or catecholate 
but also include α-hydroxycarboxylate and carboxylate functionalities to bind iron (Sayyed 
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and Chincholkar, 2006). The concentration of siderophores in most natural waters is low and 
it has been calculated that the production by marine cyanobacteria is a costly strategy in terms 
of cellular nutrient and energy budgets (Volker and Wolf-Gladrow, 1999). The most well 
studied siderophore is Desferrioxamine-B (DFO) which is produced by terrestrial bacteria, but 
has also been identified  in marine bacterial cultures (Gledhill et al., 2004). Other identified 
marine siderophores were found to contain α-hydroxycarboxylic acid moieties, in the form of 
β-hydroxyaspartic acid or citric acid (Barbeau et al., 2001), with a further class proposed to be 
amphiphilic siderophores which contain a peptide headgroup appended by a series of fatty 
acids (Martinez et al., 2000). In samples from the Atlantic Ocean, two hydroxamate 
siderophores related to DFO, were identified at low pM concentrations (Mawji et al., 2008).  
Siderophores have a distinct effect on the dissolution of iron containing minerals   via 
a proton- or ligand- promoted surface dissolution mechanism (Carrasco et al., 2007; Kraemer 
et al., 2005). The absorption of the siderophore on the mineral surface is the first necessary 
step, but this also lowers the concentration of siderophores in the solution, which may 
therefore decrease the effect on iron solubility. Borer et al. (2007; 2009a) showed that more 
iron was dissolved when a combination of siderophore and oxalate was used. The addition of 
surface-active agents (surfactants), which may be produced by bacteria, has also been shown 
to enhance dissolution of iron oxides (Carrasco et al., 2007).  
Other organic complexes can also convert particulate Fe(III) into soluble forms via 
photoreductive mechanisms. Observations of persistent Fe(II) concentrations in oxic surface 
seawater during spring bloom in Funka Bay (Kuma et al., 1992) coincident with high 
concentrations of the  oxidation products  of glucose (e.g.  gluconic- and glucuronic- acid)  
spurred laboratory studies into testing various dissolved organic substances which may be 
released from phytoplankton. It was found that Fe(III) is easily  photoreduced by sunlight in 
the presence of hydroxycarboxylic acids like glyceric, gluconic, glucuronic, glucaric and 
tartaric acids which are all oxidation products of sugars (Kuma et al., 1995). Similarly the 
photoreduction of Fe(III)-fulvic acid and citrate has also been considered, but while Fe(III)-
humate and Fe(III)-oxalate complexes are easily photoreduced in acidic natural waters the 
effect was minimal at seawater pH (Voelker et al., 1997; Voelker and Sulzberger, 1996). 
 
1.3 Possible role of  Superoxide (O2-)  in the dissolution of Saharan dust 
 The O2- radical is potentially an important species involved in the redox cycling of 
metal ions in natural waters (Goldstone and Voelker, 2000; Rose and Waite, 2006; Voelker 
and Sedlak, 1995; Zafiriou et al., 1998). Inorganic complexes of Cu(II)/Cu(I) and 
 7 
Fe(II)/Fe(III) can react rapidly with O2- leading to a catalytic cycle for O2-  decay (Voelker et 
al., 2000). 
 
1.3.1 Production of O2- in the surface ocean 
 The existence of O2- in seawater was first proposed by Swallow (1969) who suggested 
that O2- could be formed by reactions of the hydrated electron with oxygen in seawater and 
from  photochemical production from phenolic compounds present in dissolved organic 
matter (DOM). It was some time later before qualitative or indirect evidences where found for 
the photochemical production of O2- in aqueous solutions with the assumption that its 
decomposition is the major source for H2O2 (Baxter and Carey, 1983; Petasne and Zika, 
1987). The first measurements of superoxide fluxes in seawater were obtained from 
Caribbean waters (Micinski et al., 1993) which were illuminated in the laboratory with a solar 
simulator and the fluxes determined by using isotopically labelled 15NO gas to react with O2-   
to form peroxynitrite (Blough and Zafiriou, 1985) which rearranges to form nitrate. Using this 
approach photochemical production rates for O2- in surface waters followed a seasonal cycle 
with 0.1-6 nM min-1 sun-1 (where sun-1 is the intensity of the solar simulator used (Dister and 
Zafiriou, 1993)) in spring- and 0.2-8 nM min-1 sun-1 in the autumn.  Overall it was found that 
approximately 35% of the total radical flux was present as O2-. 
 The main mechanism for the production of O2- is thought to be from the absorption of 
a photon by DOM which excites this molecule into a triplet state which subsequently reacts 
with O2 (naturally occurring in the triplet state) to form O2-and a carbocation (O'Sullivan et 
al., 2005) . Direct measurements of the apparent quantum yield for O2- are not available, 
however related data does exist for the formation of the reaction product H2O2  (O'Sullivan et 
al., 2005; Yocis et al., 2000) and indicates that UV wavelengths, 300 to 400 nm, are the major 
source of O2- in seawater. Photochemical production of O2- in seawater based on 
measurements of H2O2 in situ formation fluxes (Obernosterer et al., 2001; Yocis et al., 2000; 
Yuan and Shiller, 2001) indicate rates in surface waters of 9 (Antarctic) to 17 nM h-1 
(Tropical Atlantic), assuming the rate of O2- production is twice that of H2O2. Superoxide can 
also be produced by metabolic processes in phytoplankton (Marshall et al., 2005). 
 
1.3.2 Uncatalysed dismutation and organic reactions of O2- 
The bimolecular dismutation reaction of O2- with its conjugated acid HO2 is relatively 
slow under seawater conditions and concentrations, where it mostly present as the radical 
form O2- at the pH of 8.1 (Zafiriou, 1990). DOM present in seawater has been found to have a 
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pseudo-first order decay nonmetallic sink for O2-  (Goldstone and Voelker, 2000), through 
experiments treated with  Diethylentriaminepentaacetic acid (DTPA) which removes metal 
reactions through complexation. The reaction of O2- with DOM was found to be a significant 
reaction pathway for O2- when the reaction with metals does not dominate. 
 Key components identified in CDOM are humic and fulvic acids which are also 
known to form complexes with trace metals (Cory and McKnight, 2005). The redox active 
fraction of CDOM, which are able to easily exchange electrons, has been attributed to 
quinone moieties (Scott et al., 1998). Quinones can shuttle between three redox states; the 
fully oxidized quinone, which can undergo a one electron reduction to the semiquinone 
radical and with a further one electron reduction to the hydroquinone. Superoxide reacts 
rapidly with both the quinone and hydroquinone to form the radical semiquinone species (Ilan 
et al., 1976; Shkarina et al., 2001), which dismutates to reform the starting quinone and 
hydroquinone thus creating a potential catalytic cycle for the decay of superoxide (Goldstone 
and Voelker, 2000).  
 
1.3.3 The reactivity of O2- with Cu 
Copper is also an essential micronutrient in the ocean but is also toxic for most marine 
phytoplankton (Brand et al., 1986). In seawater dissolved copper is strongly complexed by 
organic ligands (Moffett and Brand, 1996; Moffett and Dupont, 2007). Two classes of copper 
complexing ligands are typically described according to their conditional stability constants. 
Strong ligands, L1, with log K ~12-14 and weaker ligands, L2, log K ~ 9-11, which are most 
likely produced by phytoplankton or bacteria (Croot et al., 2000). It was found that ligands of 
the L1 type were produced from Synechococcus cultures when grown under Cu-stress 
(Moffett and Brand, 1996). The reduced form of Cu, Cu(I) is only found at low pM 
concentrations in surface waters (Moffett and Zika, 1988) and is believed to be produced 
predominantly via photochemical processes. 
Superoxide reacts rapidly with inorganic Cu(I) and Cu(II) in seawater at close to the 
diffusion rate (Zafiriou et al., 1998), while reactions with natural Cu organic complexes in 
seawater are reduced (k = 3-8 x 108  M-1 s-1)  (Voelker et al., 2000). Voelker et al. investigated 
the reaction of O2- with the Cu  complexes formed in Cu stressed Synechococcus cultures  and 
found there was still an appreciable reaction with O2- (k = 5 ± 3 x 107 M-1 s-1). It was 
suggested by these authors that the high reactivity of the Cu complexes from Synechococcus 
was due to exchangeable water in the complex which allowed the O2- entry. Recently it was 
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shown that despite strong organic complexation, Cu was the dominant sink for O2- in the 
Southern Ocean (Heller and Croot, 2009). 
 
1.3.4 The reactivity of O2- with Fe and other metals 
Both inorganic Fe(II), k ~ 0.1- 7 x 108 M-1 s-1,  and Fe(III), k ~ 1.5- 1.8 x 108 M-1 s-1,  react 
rapidly with O2- (Bielski et al., 1985; Matthews, 1983; Voelker and Sedlak, 1995).  It was first 
suggested by Voeler and Sedlak (1995) that the reduction of inorganic Fe(III) by 
photochemically produced O2-  in sunlit surface waters may be producing significant fluxes of 
Fe(II).  Other workers have also suggested that O2- could play a role in maintaining a 
significant concentration of Fe(II) in seawater (Croot et al., 2005; Fujii et al., 2008; Rose and 
Waite, 2002) by reduction of inorganic or organically complexed iron. Superoxide has also 
recently  been proposed to dissolve Fe containing minerals and particles in seawater (Fujii et 
al., 2006). Experiments using Fe(III)-organic  complexes indicate that they are generally less 
reactive with O2- (Bielski et al., 1985; Garg et al., 2007b; Sedlak and Hoigne, 1993). Indeed 
measurements of the Fe complex with DFO, k = 9.3 ± 0.2 x 103 M-1 s-1, show that this species 
is relatively inert to O2- (Rose and Waite, 2005).  
The importance of O2- reactions with other metals under seawater conditions are not 
clarified up to now. While Mn(II) reacts with both HO2 and O2- in a pH-dependent rate 
(Cabelli and Bielski, 1984), it is not clear  if the reactions in seawater are significantly fast 
enough to influence the overall decay of O2- in seawater.  
 
1.3.5 Dust dissolution by O2- 
 The suggestion that O2- can dissolve terrigenous sources of iron or iron oxides, is 
currently under debate.  Voelker and Sedlak (1995) found in their pulse radiolysis studies that 
O2- did not react with colloidal Fe(III). They observed that at pH values greater than 6 the 
Fe(II) concentration decreased due to formation of unreactive amorphous Fe(OH)3. Earlier  
Rush and Bielski observed similarly in their pulse radiolysis experiments that O2- disappeared 
at a rate virtually independent of the amount of colloidal iron present at a pH of 7.2 (Rush and 
Bielski, 1985). At a pH of 8 they observed no reaction between Fe(II)/Fe(III) and O2- since 
oxygen and Fe(II) had reacted during the mixing process and colloidal iron had precipitated 
before the solution could be pulsed.  
 An earlier study however investigated whether O2- can release iron from Ferritin 
(Bolann and Ulvik, 1990), a large spherical protein (450 kDa) that is used for storing Fe, as a 
ferrihydrite like crystal, in cells.  This study found that the amount of the iron released 
 10
depends on the size of the iron core, but not on the iron content of the protein shell of ferritin. 
It was evident that O2- can only remove a few Fe(II) atoms from the surface of the center iron 
core of ferritin. However more recently Fujii and coworkers suggested from their work that 
O2- can reduce Fe(III) present in amorphous ferric oxides (Fujii et al., 2006). However they 
left it open if this process affects the bioavailability of iron to organisms as it is still 
dependent on the presence of  Fe binding ligands and how quickly the produced Fe(II) is 
reoxidized.  
 
1.5 Superoxide sources employed in this work 
Previously KO2 was widely used to examine the reactivity of O2-. The use of KO2 was 
found to have several advantages as a cheap direct source of O2-. The main problem with the 
use of KO2 is the relatively low yield (Bolann and Ulvik, 1991), typically 15% or so, and the 
high concentration of H2O2 present which for calibration work needs to be corrected for (see 
below).  KO2 was for a long time perceived to be highly contaminated with metals based on 
work performed during the 1970s and 80s. However it appears that in much of the earlier 
work performed with KO2 problems were caused by the use of non trace metal free equipment 
and water supplies which did not use final filtration (Weinstein and Bielski, 1979). Recently 
we reexamined the metal content of commercial KO2 and discovered that trace metal 
impurities were low and KO2 could be successfully used as a calibration source for 
superoxide in decay experiments in seawater(Heller and Croot, 2009).  Due to the nature of 
KO2 it can only be used for pulse experiments and not as a source for flux measurements. 
Xanthine oxidase (XO) catalyzes the oxidation of xanthine (X) or hypoxanthine (HX) 
in the presence of O2 to form uric acid with the production of O2- or H2O2. This method is 
commonly used due to the commercial availability of the reactants and the ease of use, indeed 
several papers have been published using XO/X as a O2- source in seawater (Godrant et al., 
2009; Kustka et al., 2005; Milne et al., 2009; Rose et al., 2008). The flux of O2- varies as a 
function of pH and other conditions, but at a pH of 7 there is believed to be a production of 
20% O2- and 80% H2O2 (Fridovich, 1970). The flux of the univalent pathway to O2-  increases 
at alkaline pH, up to approximately pH 8, and under high pO2 or low substrate conditions 
(Fridovich, 1970; Galbusera et al., 2006). For quantitative work and in particularly when a 
steady rate of O2- formation is required, the X/XO system has been found to be unsuitable as 
XO becomes deactivated during its turnover, which decreases the O2- formation, even in an 
experiment duration of less than one hour (Hodges et al., 2000). Many researchers have also 
observed that commercial XO preparations are contaminated with iron or other trace metals 
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(Dix and Aikens, 1993; Hodges et al., 2000; Lloyd and Mason, 1990). This limits the use of 
XO to experiments where the trace metals are buffered with the use of DTPA or DFO and 
reactions between trace metals in seawater and O2- can therefore not be studied. Calibration of 
the XO/X source is complicated in seawater by the need to accurately control and measure the 
pH during the experiment, something which is not a trivial task(Dickson, 1993). The XO/X 
system does not only produce O2- as recent work suggests that it also produced carbonate 
radicals (Bonini et al., 2004) which may be important under seawater conditions. XO also 
requires an organic substrate to produce O2- which may interfere in the processes being 
examined in seawater. In the present work we used the XO/X system for comparative 
purposes only. 
 Current methods which generate O2- in relative high concentrations will favor the 
uncatalysed dismutation resulting in a high H2O2 production also. To order to mimic the in 
vivo situation where O2- is produced very slowly but continuously over a long duration, 
Ingold et al. (1997) synthesized a series of suitable azo compounds (superoxide thermal 
sources - SOTS) which decompose thermally to yield either directly or indirectly electron rich 
carbon-centered radicals. Many of those primary radicals are known to react with O2  to yield 
carbocations and O2- (Von Sonntag and Schuchmann, 1991).We recently (Heller and Croot, 
2010b) have developed methods in seawater for using SOTS-1 as a O2- source, where the first 
order thermal decomposition of the reagent permits the calculation of the time dependence of 
the concentration of SOTS-1 under conditions of constant temperature: 
[ ] [ ] ktt eSOTSSOTS −= 0  (1) 
where k is the temperature dependent decay rate of the SOTS-1. In the absence of other 
superoxide sources the instantaneous O2- production rate (P) from SOTS-1 can be described as 
follows, assuming a 0.4 stoichiometry for the reactions between the SOTS-1 radical and O2 
(Ingold et al., 1997): 
[ ]tSOTSkP 4.0=   (2) 
 
1.6 Objectives of this study 
 The focus of this paper is on processes affecting the dissolution of Saharan dust and 
the possible role that O2- has on this in the ocean around Cape Verde. The Cape Verde site 
was chosen due to its location under the Saharan dust plume and the logistical support that is 
available there through the Tropical Eastern North Atlantic Time Series Observatory 
(TENATSO) located near the island of Sao Vicente. There were two main objectives of the 
present work: 
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(1) To determine if the reduction of Fe by O2- was an important process in the dissolution of 
Saharan dust suspended in seawater. 
(2) To quantify the decay rate of O2- in seawater and determine the key reaction pathways in 
order to constrain the lifetime of this molecule in seawater and its potential influence 
on trace metal redox cycles. 
 
2. Methods 
2.1. pH measurements 
 In the present work we report seawater pH values using the total hydrogen scale 
(pHTOT) while we use the NBS scale, pHNBS, for pH measurements of buffers and other low 
ionic strength solutions. All pH measurements were made using a WTW pH meter 330i 
calibrated with Tris buffers (Millero et al., 1993). In the present manuscript we report 
seawater pH values using the total hydrogen scale (pHTOT) (Dickson, 1993) 
 
2.2 Reagents 
2.2.1 General Reagents  
All reagents were prepared using 18MΩ cm resistivity water (hereafter referred to as 
MQ water) supplied by a combination of an ELIX-3 and Synergy 185 water systems 
(Millipore). High purity HCl (6 M, hereafter abbreviated to Q-HCl) was made by 
redistillation of Merck trace-metal grade acids in a quartz sub-boiling still (Kuehnen et al., 
1972). A primary 2-methy-6-(p-methoxyphenyl)3-7-dihydroimidazol[1,2-α]pyrazin-3-one 
(MCLA) standard, 1mM MCLA, was prepared by dissolving 10 mg of MCLA in 34.5 mL of 
MQ water; 1-mL aliquots of this solution were then pipetted into polyethylene vials and 
frozen at -80 °C until required for use. The working MCLA standard, 1 µM, was prepared 
from a thawed vial of the primary stock by dilution into 1 L of MQ water. This solution was 
buffered in 0.05 M sodium acetate and adjusted to pHNBS of 6 with Q-HCl. A 3.8 mM stock 
solution of Diethylentriaminepentaacetic acid (DTPA) was prepared up by dissolving 0.6 g in 
400 mL MQ water. All plasticware used in this work was extensively acid cleaned before use. 
A secondary Cu standard (0.1 ppm, 1.54 µM) was prepared by serial dilution of the primary 
(1000 ppm, 15.4 mM) (Merck) in MQ water. A 10mM Fe(III) stock solution was prepared 
from FeCl3·6H2O (Sigma) in 1% Q-HCl followed by the preparation of a working iron 
standard solution (1µM) and acidified to pH 2 with Q-HCl. In the experiments a 1mM stock 
solution of k-D-Gluconic acid (GluAc) and a 100µM solution of Desferrioxamine-B (DFO) 
were used. A 0.1 M Ferrozine (FZ) (Sigma-Aldrich) was prepared by dissolving 4.92g in 
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100mL MQ water. Also a 1.2 M Neocuproine stock was prepared by dissolving 5g in 20mL 
Methanol. 
 
2.2.2 Description of the application of the O2- sources employed in this work 
In the present work we principally used KO2 as O2- source to determine the O2- decay 
rates as described previously (Heller and Croot, 2009). In brief, a small amount of KO2 (8-10 
mg) was weighed out in an acid washed brown glass bottle, 2 mL of 1 M NaOH was then 
added and then the solution was diluted with MQ to a final volume of 15 mL. UV 
spectrophotometry was performed on the sample using either a 1 m LWCC-2100 100 cm 
pathlength liquid waveguide cell (World Precision Instruments, Sarasota, FL, USA), or a 10 
cm Quartz-cuvette (Hellma), coupled to an Ocean Optics USB4000 UV-VIS 
spectrophotometer in combination with an Ocean Optics DT-MINI-2-GS light source. The 
concentration of both O2- and HO2- in the standard solution were determined by least squares 
solution to the measured absorbance, at multiple wavelengths, using published molar 
extinction coefficients for the conjugate base of hydrogen peroxide (Baxendale and Wilson, 
1957; Taylor and Cross, 1949), HO2-  which predominates at this pH, and O2- (Bielski et al., 
1985). Mean initial concentrations in the primary KO2 solution assessed in this way were 900 
± 50 µM for H2O2  and 90 ± 10 µM O2-. 
 In this work we also employed the enzymatic reaction between xanthine (X) and 
xanthine oxidase (XO) to produce O2- which has found to be useable in several buffered 
solutions (pH 6.5-8.5) as well as in seawater (Milne et al., 2009; Rose et al., 2008). A primary 
3.29 mM xanthine stock was prepared in 0.05 M NaOH solution which was subsequently 
adjusted to a pH of 9 after the xanthine had completely dissolved. A final concentration of 50 
µM was used in the experiments. Primary XO stocks of 1 unit mL-1 were prepared by 
dissolving 3.2 mg (7.7 units mg-1) in 24.64 mL and individual 1 mL stocks were stored at -
80°C until required for use. In all experiments performed here a concentration of 1 unit/L of 
XO was used. 
500 µg aliquots of SOTS-1 (di(4-carboxybenzyl)hyponitrite) (Molecular weight 330.3 
g mol-1) was used as received (Cayman Chemicals) and stored at -80°C until use. Immediately 
prior to the start of any experiment the 500 µg SOTS-1 aliquots where dissolved in 200 µL 
DMSO (Fluka, puriss p.a.≥ 99.9%) before further dilution in either pH 7 phosphate buffer or 
seawater. Typical final concentrations for SOTS-1 in this study were between 1.9 to 15.1µM. 
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2.3 Seawater sampling 
Sampling was performed in the vicinity of Sao Vicente in Cape Verde (Figure 2 and 
Table 1) from the research vessel RV Islandia belonging to the Instituto Nacional para 
Desenvolvimento das Pescas (INDP), Mindelo, Sao Vicente, Cape Verde. Surface seawater 
was pumped into the 10’ research container that is located on the trawl deck of the Islandia 
through tubing attached to a towed fish. Contamination from the ship was minimized by 
towing the fish at ~ 5m distance alongside the ship with the crane arm of a hydrographic 
winch (J-frame), keeping it outside the ship’s wake as far as possible. The towed fish is a 1m 
long solid stainless steel, epoxy coated torpedo of 50 kg with three fins at the tail. The sample 
tubing consisted of 15m of Bev-a-line IV (Excelon) tubing (1/2 inch outside diameter) which 
was connected to the fish at one end and to an Almatec A-15 Teflon diaphragm pump at the 
other. The diaphragm pump was driven by compressed air supplied by a Jun-Air 300 
compressor. The walls of the research container were lined with clean plastic bags in order to 
turn it into a pseudo clean room as no HEPA filtered laminar flow cabinets are available 
onboard the Islandia. The tubing was attached with tape and tie-wraps to the fish and the 
stainless steel hydrowire deployed from the J-frame. Prior to deployment the tubing had been 
extensively cleaned with 0.1M HCl and rinsed with MQ water. Filtered seawater was 
obtained in-line at a flow rate of 2-3 L min-1 through a Sartorious Sartobran PH filter cartridge 
(0.4µm prefilter and 0.2 µm final filter). Unfiltered seawater was obtained directly from the 
outlet of the diaphragm pump.  Discrete deeper samples for total metal analysis were taken 
using a MITESS sampler (Bell et al., 2002) deployed on a Kevlar wire. Samples from both 
the fish and the MITESS were drawn into acid cleaned low density polyethylene bottles for 
later analysis for total metals (acidified onboard with Q-HCl, 2mL/L) in the laboratory in 
Kiel. Samples for macronutrients and chlorophyll were analyzed using standard protocols 
(Grasshoff et al., 1999) 
 
2.4 Measurement Technique and Apparatus.  
All experiments involving trace metals and O2- were conducted in an over pressurized 
trace metal clean laboratory (Class 5) belonging to the IFM-GEOMAR deployed in Cape 
Verde during the course of this work.  Measurements of the surface seawater collected during 




2.4.1 Superoxide decay kinetics 
For chemiluminescence measurements of  O2- we recently adapted (Heller and Croot, 
2009) existing flow injection methods for O2- which utilize the reagent MCLA (Nakano, 
1998; Oosthuizen et al., 1997; Pronai et al., 1992). The mechanism and specificity for the 
reaction of MCLA and O2- is well described (Kambayashi et al., 2003).This system comprises 
a light tight box equipped with a Plexiglas spiral flow cell mounted below a photon counter 
(Hamamatsu HC-135-01) linked to a laptop computer via a Bluetooth connection controlled 
through a purpose built LabviewTM (National Instruments) virtual instrument. For O2- 
determination we ran the sample and the MCLA reagent directly into the flow cell using a 
peristaltic pump (Gilson Minipuls 3, operating at 18 rpm,) with the sample line being pulled 
through the flow cell as this leads to the smallest amount of dead time in the system (typically 
2-3 s).  The overall flow rate through the cell was 8.25 mL min-1, comprising 5.0 mL min-1 
from the MCLA and 3.25 mL min-1 from the sample. The transit time through the optical cell 
(300 µL) was therefore 2.18 s.  
  In the present work we examine the reactivity of superoxide in seawater in a series of 
experiments designed to elucidate the contributions of the key reaction pathways as described 
in our earlier work (Heller and Croot, 2009). Briefly our reaction scheme is based on previous 
work that assumes the reactivity of O2- in seawater is controlled by 3 possible reaction 
mechanisms: (1) The second order uncatalyzed dismutation reaction (kD) between HO2 and 
O2-  (Bielski and Allen, 1977) that has been previously described (Zafiriou, 1990) in seawater. 
(2) A reaction between O2- and coloured dissolved organic matter (CDOM) (Goldstone and 
Voelker, 2000). (3) The catalytic reaction between O2- and redox sensitive trace metals which 
can be further separated into the two most likely metal species based on a compilation of the 
available kinetics data (Bielski et al., 1985). Chiefly rapid reactions between O2- and the 
redox couple Cu(I)/Cu(II) this also includes reactions with organic Cu species (Voelker et al., 
2000; Zafiriou et al., 1998). Finally O2- reactions with the redox couple Fe(II)/Fe(III) (Fujii et 
al., 2008; Garg et al., 2007a; Garg et al., 2007b; Rose and Waite, 2006; Voelker and Sedlak, 
1995).  
Based on the previous research on O2- reactions in seawater described above workers 









where the metal reactions (kM) include both the Cu(II)/Cu(I) and Fe(III)/Fe(II) redox pairs 
(equation 4), the reaction with organic substances is described by the first order rate korg. 
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The observed rate of superoxide decay can then be written as follows with only a single term 








obsD  (5) 
where kobs is described as the sum of the first order reaction rates. 
orgXMobs
kMkk +=∑ ][   (6) 
If the complexing agent DTPA is added to the sample to complex all the trace metals in 
solution then kobs = korg (Goldstone and Voelker, 2000). In the present work we employed a 
final DTPA concentration of 3.8 µM and an equilibration time of 12 hours to ensure that the 
trace metals were fully complexed (Heller and Croot, 2009; Heller and Croot, 2010b). Though 
for the experiment from station 8, a shorter 2 hour equilibration time was used in order to 
observe any possible effects. 
 Our overall approach is based on measuring the decay rate of known quantities of 
added O2- (as KO2) to seawater. O2- is detected via its chemiluminescence reaction with 
MCLA (see above). For the present work an experimental setup similar to that used in 
nutrient bioassay experiments (Mills et al., 2004) was adopted by which a number of 
experimental treatments are utilized (Figure 3): (i) Control – reaction with unmodified 
seawater. (ii) Metal free reaction – this is achieved by complexation of trace metals in 
solution with DTPA, this reactivity measured here then only corresponds to reactions 
mechanism 1 and 2 shown above. (iii & iv) Addition of 0.78 nM and 1.57nM Cu(II) to the 
seawater to form a titration series with the control, this approach was also used in a  previous 
study (Voelker et al., 2000). (v & vi) Addition of 0.5nM Fe and 1nM Fe(III) to the seawater to 
form a titration series with the control. Apparent reaction rates for Cu (kCu) and Fe (kFe) with 
O2- were calculated via linear regression of kobs versus the total metal added. Using our 
experimental setup the minimum values for kCu and kFe that were measurable is estimated at 
1x106 M s-1. 
 
2.4.2 Iron solubility measurements using 55Fe  
The radioisotope 55Fe is a weak beta emitter with a half-life of 2.7 years. Fe solubility 
measurements were performed using the radioisotope, 55Fe (Hartmann Analytics, 
Braunschweig, Germany). The experimental setup was the same as described previously 
(Schlosser and Croot, 2009) and was itself adapted from earlier work (Kuma et al., 1996; 
Nakabayashi et al., 2002). The 55Fe isotope had a specific activity of 157.6 MBq/mg Fe, a 
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total activity of 75MBq, and was dissolved in 0.1 M HCl. 55Fe dilution standards were 
produced with MQ water and acidified with Q-HCl to a pH < 2. 
After the addition of 55Fe (t0 = 0h; total Fe FeT = 20 nmol L-1; pH 7.9) to each sample, 
a small subsample was immediately filtered through a 0.02 µm Anotop syringe filter 
(Whatman) and acidified with Q-HCl, to keep the Fe from adsorbing to the bottle walls 
(Fischer et al., 2007; Schlosser and Croot, 2008). Duplicates of the unfiltered and 0.02 µm 
filtered samples (400 µL) were transferred into 6 mL vials to which 4.5 mL of scintillation 
fluid (Lumagel Plus®) were then added. This procedure was repeated for subsamples taken at 
later times. Sample storage, treatment and measurement were performed at room temperature 
(20°C). The activity of the 55Fe solutions were determined by scintillation counting (Packard, 
Tri-Carb 2900TR) and then converted to soluble Fe concentrations, taking into account the 
activity of the added isotope solution and the in-situ dissolved Fe concentration of each 
sample.  
 
2.4.3 Determination of Fe(II)  
Dissolved Fe(II) was determined by complexation with FZ (Gibbs, 1976; Stookey, 
1970) with subsequent determination of the absorbance of the Fe(FZ)3 complex at 562 nm by 
spectrophotometry using a 1 m LWCC-2100 100 cm pathlength liquid waveguide cell (World 
Precision Instruments, Sarasota, FL, USA) coupled to an Ocean Optics USB4000 UV-VIS 
spectrophotometer in combination with an Ocean Optics DT-MINI-2-GS light source. For the 
experiments with dust described here a final concentration of 1 mM FZ in the samples was 
used throughout. The detection limit using this approach was estimated to be 0.7 nM based on 
the analysis of replicate blank samples prepared in seawater. 
 
2.4.4 Determination of dissolved Iron by chemiluminescence flow injection analysis 
The total dissolvable Fe (TDFe) concentration was measured in the laboratory in Kiel 
with an established luminol chemiluminescence flow injection analysis (FIA) method (de 
Jong et al., 2000; Obata et al., 1993). Discrete samples for TDFe were taken in 100 mL clean 
polyethylene bottles (Kartell) and acidified to pH 1.8 with triple quartz distilled (3QD) 
concentrated hydrochloric acid (1 ml L-1).  
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2.4.5 Determination of Trace Metals by Graphite Furnace Atomic Absorption 
Spectrophotometry (GFAA) 
Samples were analyzed according to the method described in Grasshoff (1999) and 
Kremling and Streu (2001). For the analysis of Cd, Co, Cu, Fe, Ni, Pb and Zn, 300–500 g 
portions of the samples were subjected to a simultaneous dithiocarbamate–freon extraction 
modified from the procedure by Danielsson et al. (1978) implying maximum concentration 
factors of 500. The final extracts with the metals were measured by electrothermal atomic 
absorption spectrometry with Zeeman background correction (ETAAS; Perkin-Elmer Model 
4100 ZL). Accuracy and precision was evaluated using both the certified reference material 
NASS-5 or the SAFe intercalibration sample (Johnson et al., 2007). 
 
2.5 Dust dissolution experiments 
2.5.1 Source of the dust used in this work 
The dust used in these experiments was Saharan dust that had accumulated on the side 
of a volcanic cone near the Cape Verde Atmospheric Observatory at the NW of Sao Vicente 
(16.848° N, 24.871° W). The sample was sieved through a 100 µm net prior to use in our 
experiments. Preliminary analysis of the composition of the dust showed that is was similar to 
that described previously for loess collected from the nearby island of Sal (Chiapello et al., 
1997). As all the Cape Verdean islands, including Sao Vicente, have a volcanic origin the area 
around the Atmospheric Observatory is dominated by recent (picrobasalts and basanites) and 
intermediate (nephelinites) black volcanic material (Jørgensen and Holm, 2002). The Saharan 
dust deposits on Sao Vicente are easy to recognize due to their bright yellow-red color while 
the volcanic rocks/soils are significantly darker. Rognon and coworkers (1996) found that 
~80-95% of the aeolian silts deposited on the Cap Verdean islands have a Saharan origin and 
are transported through the strong Harmattan winds as its blows across the Cape Verdean 
islands. The main sources of the Saharan dust to Cape Verde are from Mali, Niger, Chad and 
southern Algeria (d'Almeida, 1987). 
In the present work our dust was simply stored in trace metal clean plastic bags after 
sieving. Our main objective was to have a large homogenized sample that was suitable for 
repeat experiments. One critical issue we came across in the early design of these experiments 
was related to the issue of whether to use collected aerosols or loess deposits. In the end we 
chose loess deposits as this allowed a large sample to be collected. Additional issues 
regarding storage (e.g. frozen or unfrozen, humidity control) and removing the aerosol from 
the filter further complicated the use of collected aerosols.  
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2.5.2 Rationale behind our experimental design 
In order to assess the impact and possible role of O2- in the dissolution of iron oxides 
contained in Saharan dust we designed a series of abiotic incubation experiments in order to 
simulate a number of possible scenarios (Figure 3). Due to sampling limitations only selected 
combinations of different scenarios were performed during the same sampling period.  
(1) Seawater only – this forms the basis for the control experiment. 
(2) Seawater + Dust – in part to mimic a natural dust deposition event (though the dust is 
retained in the bottle unlike in the natural world where it would sink through the mixed 
layer and be lost eventually). 
(3) Seawater + different amounts of DFO- DFO is a terrestrial siderophore and a strong 
chelator for Fe(III) (Schwarzenbach and Schwarzenbach, 1963).  
(4) Seawater + Dust + DFO- DFO will also promote dissolution of solid iron phases as 
was now shown in several studies (Carrasco et al., 2007; Kraemer et al., 2005). The DFO 
Fe(III) complex is also by itself not photo-reducible (Kunkely and Vogler, 2001) and is 
known to inhibit the formation of  ROS by some phytoplankton (Kawano et al., 1996). 
(5) Seawater + Dust + Gluconic acid- Gluconic acid is formed from the oxidation of 
glucose and is a relatively weak Fe(III) chelator (Escandar et al., 1990; Escandar et al., 
1996) but can apparently undergo photoreduction in seawater to form Fe(II) (Kuma et al., 
1995; Öztürk et al., 2004).  
 
2.5.3 Setup of the Incubation Experiments 
Prior to the initiation of each experiment filtered surface seawater was collected from 
an offshore stations (Figure 2 and Table 1) as described above. Incubation experiments were 
performed in 4.5 L polycarbonate bottles according to the scheme found above (for details on 
each individual experiment see Table 1). During July 2008 the same four different treatments 
(Figure 3) were applied in duplicate to all experiments with 0.2 µm filtered seawater; an 
unmodified control and 3 treatments with added dust (8.0 ± 0.1 mg of the dust - see above) 
including one treatment supplemented with DFO (1 nM) and another with GluAc (1 µM). 
Experiments performed in May 2009 (Table 1) focused on the impact of DFO alone (Station 8 
- no dust additions) and on different amounts of dust and light/dark cycles (Station 9). For the 
incubation  all 8 of the 4.5L bottles where placed into incubators located at the INDP through 
which seawater was constantly pumped to maintain a relatively constant temperature (28 ± 1° 
C)  in the bottles over the experimental run. These same incubators had previously been used 
in shipboard experiments (Mills et al., 2004). Light was attenuated to 20% of incident surface 
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values with blue filters (Lagoon Blue, Lee Filters #172). It should be noted however that the 
polycarbonate bottles used in this study do not transmit UV light appreciably. At specific 
times sub-samples were taken from the bottles for TDFe and for O2- decay kinetics (Figure 3).   
 
3. Results and Discussion 
3.1 Investigation into the reactivity of iron and copper with O2- in seawater 
3.1.1 55Fe solubility experiments with O2- sources 
 Initial laboratory work focused on the effect of  O2- and/or siderophores on iron 
solubility and was assessed over a 24 hour time period by the addition of 20 nM of 55Fe to 
surface seawater which had been collected earlier from the Tropical Eastern Atlantic during 
Meteor expedition M68-3 (Schlosser and Croot, 2009). As expected after 24 hours soluble 
iron levels (Figure 4), in the presence of 2 nM of the siderophore DFO, were increased (2370 
± 450 pM) over that of the natural seawater (1480 ± 30 pM). However, in the presence of the 
enzymatic O2- source, X/XO, soluble iron values actually decreased (1080 ± 300 pM), as did a 
control experiment in the presence of only xanthine (1150 ± 170 pM). The combination of 
DFO and X/XO was initially lower than for the case of only DFO was present but was similar 
(2270 ± 250 pM) by the end of the 24 hour time period (Figure 4).  
 It appears then from these preliminary data using amorphous Fe colloids formed upon 
direct addition of Fe to seawater that in the presence of the X/XO system there was no 
increase in soluble Fe as might be expected if colloidal iron was reduced to more soluble 
forms via O2- reduction. However the unexpected effect of lower soluble Fe in the presence of 
xanthine itself raised issues in the use of this O2- source for seawater experiments involving 
an assessment of iron solubility and so we did not pursue work with X/XO further in the 
present work. 
 
3.1.2 Fe(II) formation from Saharan dust in seawater  
 We examined the formation of Fe(II) (Figure 5) from our Saharan dust sample (see 
section 2.5.1) in the presence and absence of the thermal O2- source SOTS-1 (Heller and 
Croot, 2010a; Ingold et al., 1997) by using 1 mM FZ in order to prevent the reoxidation of 
Fe(II) that was formed (Lin and Kester, 1992; Thompsen and Mottola, 1984). In the absence 
of SOTS-1 we observed essentially no change in Fe(II) over the first 4 hours of the 
experiment and only a small change at later times. In the presence of SOTS-1, 7 nM of Fe(II) 
was formed instantaneously and then the concentration proceeded to increase over time 
(Figure 5). After 24 hours at which point the SOTS-1 had completely decayed the Fe(II) 
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concentration had increased to 26 ± 2 nM in the presence of SOTS-1 and to 9 ± 1 nM in the 
sample without SOTS-1. The formation of some Fe(II) in the sample without SOTS-1 is 
consistent with earlier work  in seawater where a significant thermal reaction was also 
observed (Croot and Hunter, 2000).  
The initial instantaneous formation in the presence of SOTS-1 of 7 nM Fe(II) probably 
represents highly labile Fe from the dust or seawater and the subsequent slower formation of 
Fe(II) was due to reactions where the release of Fe from the dust was the rate determining 
step. This is consistent with the mechanism proposed by Fujii et al (2006) by which Fe must 
dissociate from the surface first before reduction by O2- and that as the iron colloid ages it 
undergoes transformations that decrease the dissociation rate. This phenomenon has also been 
seen in the iron solubility work of Kuma and coworkers (Kuma et al., 2000; 1996). Saharan 
dust is undoubtedly a mix of crystalline iron phases and amorphous aged iron oxides and it is 
the latter that we suppose to be the source of the exchangeable iron that transferred into 
dissolved phase in seawater. 
 If it is assumed that the time dependence of the observed Fe(II) signal in the presence 
of SOTS-1 is due to the reaction with O2- produced from the decay of SOTS-1, the following 
time dependence can be proposed (Heller and Croot, 2010a) for the Fe(II) concentration (A) :  
0max )1( AeAA ktt +−= −  (7) 
Where k is the thermal decay constant for SOTS-1 at the temperature of the experiment (21.6 
°C),  At is the concentration of A at time t, A0 is the concentration of A at time t=0 and Amax is 
the maximum yield of A when the SOTS-1 has completely reacted.  This equation can be 













01ln  (8) 
 Application of equation 8 (Figure 5) reveals a linear decrease in kt with time as expected with 
k = 2.5 ± 0.4 x 10-5
 
s-1 consistent with other estimates of the decay rate of SOTS-1 in seawater 
(Heller and Croot, 2010a). As the SOTS-1 concentration in this experiment was initially 2.5 
µM then this would represent a total O2- supply of 1 µM over the course of the experiment, 
based on the 40 mol% conversion of SOTS-1 into O2- (Ingold et al., 1997). Thus if O2- was 
the limiting reagent, as the Fe in the dust was in excess, then this represents an overall yield of 
2.5% for Fe(II).  Based on the mechanism proposed by Fujii et al. (2006) we can speculate 
that this value represents the exchangeable iron in the sample and as such may be comparable 
to solubility estimates for Saharan dust obtained by other methods (Baker et al., 2006; Buck et 
al., 2006). 
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3.1.3 Influence of Fe(II) or Cu(I) chelators on the decay of O2- in seawater 
 An important aspect of the interpretation of the O2- decay rate is whether the reaction 
with metals such as Cu and Fe forms a truly catalytic redox reaction where cycling between 
two redox states occurs.  To assess this we performed experiments in the presence of strong 
Fe(II) or Cu (I) chelators, in seawater collected from station 8 (Table 1). For each metal two 
titration sets were prepared by adding the appropriate higher oxidation state of the metal 
(Fe(III) or Cu(II)), to one series with added chelators and one series without. The chelators 
used were the Fe(II) chelator FZ (160 µM) and the Cu(I) chelator Neocuproine (380 µM). 
 It can be clearly seen in Figure 6 that in the presence of FZ that kobs was essentially 
constant, while in the absence of FZ  kobs increased linearly with increasing addition of 
Fe(III). A value of log kFe = 7.11 ± 0.12 M-1 s-1 (95% CI) can be obtained by linear regression 
of kobs against the added Fe concentration (R2 = 0.93, n=6) in the absence of FZ. In the case of 
Cu(II) additions to the seawater, in the presence of Neocuproine kobs varies little. However in 
the absence of Neocuproine  kobs was too fast for our measurement system when Cu 
concentrations exceeded 1.6 nM. For the Cu concentrations where kinetic measurements were 
possible we calculate a value of log kCu = 7.99 ± 0.16 M-1 s-1 (95% CI) via linear regression of 
kobs against the added Cu concentration (R2 = 0.97, n=3) in the absence of Neocuproine. 
 The data in figure 6 clearly indicates that the observed reaction is catalytic over the 
concentration range we examined and thus our modeling approach is apparently valid under 
these conditions. It should be remembered that this requires fast reactions between O2- and 
both the oxidized (Mn+1) and reduced (Mn+) form of the redox couple, with the observed rate 
















Comparison of  our calculated values for kCu were intermediate to that found previously for 
the strong L1 Cu complex produced by Synechococcus  (kCu =  5± 3 x 107 M-1 s-1) and the 
weaker L2 Cu complexes (kCu =  3-8 x 108 M-1 s-1) found in coastal seawater (Voelker et al., 
2000). This was most likely due in the present case to the complete titration of any L1 
complexes present (Moffett and Brand, 1996) resulting in the observed kCu being an average 
of the entire pool of Cu organic complexes. In our earlier study in the Southern Ocean (Heller 
and Croot, 2009) we found kCu to vary systematically through the water column with lowest 
values found at the chlorophyll maxima. Below that kCu became relatively constant (log kCu = 
7.6 – 7.9) in the intermediate and deep waters. 
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 Similarly the value calculated here for kFe in the seawater from station 8 is in the 
range of values we previously measured in the Southern Ocean (Heller and Croot, 2009). 
However our values are considerably higher than recent laboratory measurements in which 
high concentrations of Fe(III), 200 nM, were complexed with model ligands (4 µM) and 
natural organic matter (kFe = 2.3 ± 0.1 x 105 M-1 s-1) in bicarbonate solutions using XO/X as a 
O2- source (Rose and Waite, 2005).  It is likely however that in our samples that the added Fe 
was weakly complexed as the strong iron chelators were saturated and this may have lead to 
the high reactivity.   
 
3.1.4 Influence of DFO on the decay of O2- in seawater 
 Using water from station 8 we conducted an experiment using the strong Fe chelator 
DFO in order to examine the influence of Fe(III) complexation on the decay of O2- in 
seawater and in particular the values of kFe and kCu obtained by titration. As can be seen in 
figure 7, the addition of DFO had little or no effect when Cu was added to the seawater 
samples and values for kCu were similar for all 3 treatments. However for Fe the values of kobs 
did not apparently vary as a function of the added Fe as would be expected when they are 
strongly chelated. This also implies that the Fe in the control sample was also apparently inert 
to O2- up to an addition of 2 nM suggesting that an excess of strong iron ligand was already 
present in this sample.  
  
3.2 Dust dissolution experiments 
3.2.1 Existing conditions before sampling 
 One aspect that is critical to our understanding of the processes that are occurring 
during dust deposition relates to the prehistory of the water being examined. Recent work 
from the Mediterranean (Wagener et al., 2008) and the Tropical Atlantic (Rijkenberg et al., 
2008) point to the importance of the seasonal effects and to the time between dust events in 
how the system, here including biology, responds to the input of dust or aerosol. However 
unless there is continuous monitoring in a Lagrangian fashion (e.g. FeCycle (Boyd et al., 
2005)) it is impossible to know anything about the prehistory of the water before initiating an 
experiment. In the present work we have used the available satellite tools to assess the 
sampling location prior to occupation (http://disc.sci.gsfc.nasa.gov/giovanni).  
  Ocean color observations from satellite (MODIS AQUA and SeaWiFs) indicated no 
major changes in chlorophyll concentrations (0.1 – 0.3 µg L-1) during the sampling periods in 
either July 2008 or May 2009. Satellite measurements of aerosol optical depth (AOD) from 
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MODIS Terra indicate that significant dust storms passed over the sampling sites in July 
2008, on the 11th, 13th, 18th, 25th and 29th of July.  During each sampling cruise (Figure 2) we 
also made AOD measurements using a pre-calibrated Microtops instrument (Porter et al., 
2001) borrowed from NASA ( contact: Alexander Smirnov. See the webpage for more details 
http://aeronet.gsfc.nasa.gov/new_web/maritime_aerosol_network.html) as part of their 
Maritime Aerosol Network (MAN) (Smirnov et al., 2009). These measurements complement 
and enhance the satellite data as they reveal information on the aerosol load at the time of 
sampling. Station 1 (AOD(500 nm) = 0.34 ± 0.04) had the lowest values of all, while station 2 
(AOD(500 nm) = 0.55 ± 0.03) elevated. The major dust outbreak of July 24 and 25 was 
clearly captured in the Microtops data obtained during the sampling of station 3 (AOD(500 
nm) = 0.79 ± 0.19). While a smaller outbreak was seen at the final station (Station 4 
AOD(500 nm) = 0.41 ± 0.07). For the experiments performed in May 2009, there were some 
major dust outbreaks to the southeast of Sao Vicente but none passed directly over out study 
sites. It should however be remembered that during the summer in Cape Verde most of the 
dust passes directly overhead in the SAL (Karyampudi et al., 1999) and that AOD may not be 
representative of the actual deposition to the ocean.  
  
3.2.2 Dust dissolution in the experimental assays 
 The time variation in TDFe over time for the treatments from stations 1-4 in July 2008 
are shown in figure 8. Dealing first with the controls it is clear that all the concentrations 
decreased with time in these bottles suggesting that adsorption to the polycarbonate bottle 
walls was an issue here, though the data set is too small to provide adequate statistical 
confirmation of this trend. Polycarbonate bottles have been preferred to glass and other 
plastics for trace metal work for their low adsorption properties but more as noted in the 
original work (Fitzwater et al., 1982) Fe adsorption will increase over time. In the present 
work the loss of Fe from solution, presumably to the walls, will also represent the 
precipitation of iron from an oversaturated solution due to recent dust deposition.  
Interestingly the concentration of TDFe after 48 hours was similar in experiments 2-4 (0.26 ± 
0.02 nM), and only slightly more in experiment 1 (0.40 ± 0.11 nM), possible indicating a 
natural equilibrium value for iron in solution related to the soluble iron only.  The 
polycarbonate bottles were thoroughly cleaned in between use, by rinsing with 1% HCl, and it 
is possible that frequent cleaning may create adsorption sites on the bottle. Whatever the 
reason for the loss of iron from the solution is, be it a natural process or an artifact of the 
experiment, it is clearly something that needs to be directly addressed in future work.  
 25
 For all 4 stations the treatments with the dust additions, but without added chelators, 
were significantly higher than the controls at both 24 hours (2 way ANOVA: p = 0.04) and 48 
hours (p = 0.006) as would be expected. The treatment with dust and DFO was also 
significantly higher from the control after 48 hours (p = 0.02) but not after 24 hours. The dust 
and Gluconic acid treatment however was only weakly statistically significant from the 
control (p = 0.07) after 24 hours and not significantly different at all after 48 hours. There was 
no statistically significant trend found between the various dust treatments. The differences 
between station 2 and 3 are most intriguing as these stations were closely spaced in location 
and time (4 days apart) and the differences may be related to the large dust storm that was 
passing overhead at the time of sampling station 3 (see above). 
 Much of the variability in the data appeared to be related to apparent differences 
between the stations as the variability between replicate samples was small in comparison. 
For instance at station 1 the 3 dust treatments do not appear to change between 24 and 48 
hours and the Gluconic acid treatment gave the highest Fe values. However at no other 
stations did the Gluconic acid treatment give the maximum Fe values, indeed at station 4 they 
were the lowest next to the control. Similar apparently contradictory data is seen with the 
DFO treatments where at stations 2 and 4 the values decrease with time, while at station 3 
they increase. However in this case it should also be noted that only 1 nM of DFO was added 
in each case and thus much of the variation can not be explained by simply complexation by 
DFO alone.   
 As the ferric-gluconate complex is light sensitive (Kuma et al., 1995), differences in 
the sunlight during the time that each incubation was performed are a possible cause for the 
variability found in that treatment. Indeed analysis of spectral irradiation data (not shown) 
from the nearby TENATSO Atmospheric Observatory (Personal communication: Nidia 
Martinez,University of Hamburg) indicate that light levels were much reduced during the 
period of incubation for station 4 where the lowest values were observed. Similarly the 
reduction seen for the Gluconic acid and dust treatment during experiment 2 coincides with 
lower light levels on the 2nd day of incubation. However more incubation data is needed over 
the diel cycle in order to truly assess the role of light in these experiments.   
 Borer (2009b) found that light has only a weak effect on the dissolution of ferrihydrite 
and ferric oxides in the presence of DFO. They proposed that with increasing thermodynamic 
stability of the Fe(III) hydroxides the release of lattice surface Fe(II) may be outcompeted by 
reoxidation by oxygen and/or ROS (Sulzberger, 1995; Sulzberger and Laubscher, 1995). A 
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further important point to consider here in the context of the DFO experiment is if the DFO 
was itself scavenged by the dust particles and removed from the soluble phase. 
 In our work the apparent fractional solubility of the dust would be estimated as 0.14 ± 
0.04%. This calculation is based on ~1.04 mmol of Fe per gram of dust using data for the 
composition of dust from the Northern Sahara and Sahel regions (Chiapello et al., 1997). 
However as pointed out in Baker and Croot (2008) this approach clearly underestimates the 
true solubility of the dust as the seawater is saturated and no more iron can dissolve from the 
dust.  
 
3.2.3 Variation in kobs during dust dissolution assays 
 In the present work we measured directly the decay rate of O2- in the seawater samples 
to examine whether changes in metal speciation, and hence reactivity with O2-, were occurring 
on the addition of dust to the seawater. Figure 9 shows the time variation in kobs for the 
samples with added dust during July 2008. It appears that for stations 1 and 2 there was a 
decrease in kobs from initially high values to lower values and this may indicate the 
scavenging of soluble components from the seawater, either onto the dust or onto the bottle 
walls (see above). Contrastingly for stations 3 and 4, kobs shows a small increase over time 
possibly indicating the release of substances from the dust. At first approximation we could 
assume that the changes in kobs are related to changes in Fe speciation, and this does 
apparently fit the TDFe data seen in figure 8 where the same trends are seen although the 
magnitude of response varies between the stations. If colloidal iron truly does not react with 
O2- then the kobs data would be dependent on only the soluble reactive species and this would 
partly explain the differences in the response between the TDFe, which would be mostly 
colloidal particles, and the kobs results. 
 We are assuming here that there is minimal dissolution of Cu from the dust. This is 
probably a valid assumption as work by Desboeufs et al. (1999) indicate that only 0.07 % of 
the Cu from Saharan dust is soluble which would lead to a contribution of ~0.5 pM to our 
incubation samples, which is analytically insignificant. A further possible explanation of the 
data in Figure 9 is the scavenging of O2-reactive copper complexes onto the dust particles but 
this is also probably unlikely as previous work has shown most marine Cu organic complexes 
to be principally hydrophilic (Donat et al., 1986).  
 In May 2009 with seawater from station 9 we examined the influence of both dust 
amount and light/dark on the value of kobs (Figure 10). In this experiment there was 
considerable variation between treatments after only 4 hours with the highest values found for 
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the dark treatment. However after 24 hours the samples appeared to have reached stable 
values with the 2 x dust treatment giving the highest values, while both 1 x dust treatments 
gave identical responses but this was below the control without dust (Figure 10). The results 
from July 2008 when viewed in the context of figure 10 may therefore indicate that the 
seawater from stations 1 and 2 were undersaturated and after the large dust event that passed 
by while station 3 was being sampled (see above) the subsequent stations 3 and 4 responded 
in a similar manner to the 2 x dust treatment in Figure 10. However this interpretation hinges 
on systematic variations in the colloidal Fe which was not measured in this work. Although 
other workers have suggested that most of the variation in dissolved concentrations is due to 
the colloidal fraction (Bergquist et al., 2007; Wu et al., 2001). 
 During experiments 1-4, kCu showed no appreciable variation in any of the treatments 
(data not shown), indicating that there were no apparent changes in Cu speciation occurring 
during this time. This is not unexpected as in the absence of biology and little UV light it is 
unlikely that the speciation would be altered. Commonly the Cu speciation in seawater is 
assessed by voltammetric methods and while direct comparison with the present work would 
be useful, it was not practical given the water requirements and the long analysis time 
required for the voltammetric methods. Titration data from station 9 shown in figure 11 as the 
kFe and kCu values indicated that during this time and with the dust treatments there was little 
apparent change in the reactivity of the Cu complexes with O2- . The only exception was for 
the single time point obtained in the dark, where all the dust treatments were significantly 
lower than the control. We can think of no logical explanation for this result, however it will 
spur us on to undertake more diel cycle studies to see if it occurs again.  
 In the control sample at station 9 there was no apparent response to the addition of Fe 
throughout the duration of the experiment suggesting that there was a least a 1 nM excess of a 
strong iron chelator present at this time. However all the dust treatments gave a linear 
response to iron additions indicating that there was no strong complexation occurring 
anymore and that iron released from the dust had complexed with the ligand that was apparent 
in the control samples. During July 2008 there was a trend towards increasing kFe in the initial 
controls at each station (data not shown), from essentially no response at station 1, log kFe = 
7.57 ± 0.11 at station 2, log kFe = 7.60 ± 0.12 at station 3 and finally log kFe = 7.80 ± 0.12 at 
station 4. This may represent an increase in the concentration of weakly complexed soluble 
iron over time, if it is assumed that the colloidal iron does not react with O2-, but in the 
absence of soluble iron measurements it is difficult to prove. In comparison to our earlier 
Southern Ocean work (Heller and Croot, 2009) where we observed lower kFe values in general 
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and frequently more values below our detection limit consistent with an under saturated 
system with respect to iron. 
 The data collected from station 9 indicate a complex dose response curve for the 
addition of dust. The first 8 mg apparently caused scavenging of O2- reactive components 
while a second 8 mg led to a net release of O2- reactive components. The additions we applied 
here need to be put into the context of dust deposition estimated for the Cape Verde region of 
the order of 20 g m-2 y-1 (Jickells et al., 2005). To put our experiments in perspective we 
added 8 mg in 4.5 L, which when scaled up to 20 m3 for a 20 m mixed layer would be 
equivalent to 35.6 g m-2
.
 Working with smaller amounts of dust is difficult due to the 
problems of accurately weighing out µg amounts. Clearly future experiments need to use 
lower dust to seawater ratios in order to examine the dose response at more realistic levels for 
the open ocean. 
 
3.2.4 Variation in korg during dust dissolution assays 
 The experimental approach used in this work allows us also to follow changes in the 
apparent reactivity of organic matter with O2- in each of the treatments. Figure 12 shows the 
time course of korg for stations 1 and 4 during July 2008. The striking feature is that for the 
first 24 hours all of the treatments are apparently similar and only diverge after 48 hours. 
While the trends differ between stations 1 and 4 they are consistent with the same patterns 
seen for these stations for kobs for the dust treatment (Figure 9). A further observation is that 
by the end of 48 hours there is little difference between the values at each station for the 
respective treatments.  Additionally after 48 hours it is the DFO + dust treatment which has 
the highest value. This could indicate the removal of Fe bound to DOM by DFO with the 
subsequent release of this DOM to react with O2-, as might be expected with humic type 
functional groups.  
 In the experiment from station 9 there was no significant difference seen between the 
dust treatments for korg  (Figure 13), though they were all significantly lower than the dust free 
control. This indicates that the addition of dust can remove some portion of the O2- reactive 
DOM either by the reverse of the mechanism suggested above, where by Fe from the dust 
chelates the DOM making an O2- inert complex, or by adsorption onto particles where it is 
presumably the more hydrophobic fraction which is scavenged. This is an interesting result as 
it may have implications for the residence time of some components of DOM under the 
Saharan dust plume  
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 Overall korg was a minor but significant contributor to the overall O2- decay in all the 
treatments as was seen also in vertical profiles from the nearby TENATSO station (Heller and 
Croot, 2010b). Further work is needed to elucidate the functional groups that are responsible 
for the reactions with O2-. 
 
3.3 Implications for Biogeochemistry  
3.3.1 Implications for the dissolution of dust by O2- 
 That O2- can reduce Fe from dust was clearly shown in Figure 5, however this was in 
the presence of 1 mM of the strong Fe(II) chelators FZ. In the open ocean the Fe(II) produced 
from reactions between O2- and dust would be most likely rapidly oxidized by O2 or H2O2 and 
so only a small fraction might eventually be stabilized by any natural Fe(II) chelators (Croot 
et al., 2007). Furthermore the data here strongly suggests that major sink for O2- in the Eastern 
Tropical Atlantic is with Cu organic complexes and to a lesser extent DOM. Similarly we 
might also expect a low encounter rate between dust particles and O2-. Combining all these 




3.3.2 Implications for O2-, Fe(II) and Cu(I) in the Tropical Ocean 
 Based on the values of kCu and kFe measured in the present work we can estimate that 
the major sink for O2- in these waters was through reactions with Cu. It is also clear from our 
experiments that Fe could be important when concentrations increase after dust events as 
relatively little Cu is supplied via the dust. However it is still unclear what the contribution of 
colloidal iron or weakly complexed iron is to the kFe signal and this remains a missing piece of 
the puzzle. Superoxide reactions with DOM are a minor sink but potentially important for 
altering the chemical composition of the DOM.  
 Reactions between O2-  and Fe(III) have been previously suggested to be an important 
source of Fe(II) in seawater (Voelker and Sedlak, 1995). Using the same approach as we did 
previously (Heller and Croot, 2009) we can use the kFe values, along with equation 9, to 
estimate the maximum ratio of Fe(II) to Fe(III) present in seawater under steady state 
conditions as ~45 pM  Fe(II) per nM (Fe(III). The caveat here is that it appears that the 
calculation should be made with the truly soluble Fe and not the colloidal Fe however we can 
not categorically rule colloidal Fe out as a source yet. This means that O2- could be a 
significant source of Fe(II) in the waters under the Saharan dust plume in the Tropical Eastern 
Atlantic but it crucially depends on determining if nanomolar colloidal Fe reacts with O2- . 
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 Measurements of Cu(I) (Moffett and Zika, 1988) in the subtropical Atlantic indicated 
that Cu(I) is 5-10 % of the total copper  in the euphotic zone, which is slightly more than we 
estimate here 20-40 pM, based on our kCu values, 1 nM dissolved Cu and assuming that 
reactions with Cu(II) organic complexes are the slower step (see equation 9) and that the 
Cu(I) reaction rate is the same as for inorganic Cu(I) (Heller and Croot, 2009). This suggests 
that there is probably an additional contribution from the direct photoreduction of Cu 
complexes, or less likely, that there may possibly be Cu(I) complexes inert to O2- in seawater.  
  
4. Conclusions 
 Our use of superoxide decay measurements, in conjunction with a multiple treatment 
experimental design, shows promise as a probe for detecting changes in metal speciation in 
seawater. This method also supplies information relevant to determining the turnover time for 
O2- and helps to constrain estimates of Fe(II) and Cu(I) in the ocean. Using this approach for 
the first time in dust dissolution experiments has shown that the principle of the idea works. 
However both the approach and measurements need to be refined more for this to become a 
more useful tool in oceanographic studies. Further work is already planned with single 
treatment, large volume, high sampling frequency experiments where sufficient sample exists 
to obtain ultrafiltration samples and comparative voltammetric measurements of the in situ 
speciation.  
In the present work we applied an experimental assay approach to the question of what 
processes control dust dissolution in seawater. Our results indicate that while ligand promoted 
and thermal dissolution appeared to be clearly important, our experiments in natural waters 
were highly variable and most of this variability was apparently related to dynamic factors 
associated with changes in surface seawater chemistry occurring over both spatial and 
temporal scales. Key amongst these factors is most likely the abundance of colloidal metal 
species and ligands. Thus it is crucial that future work needs to examine simultaneously both 
the soluble and colloidal size ranges and focuses on the relationship between kobs and soluble 
copper and iron species in order to better constrain the key processes occurring during the 
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Figure 1: Schematic of proposed reaction pathways for the dissolution of Saharan dust in 
surface seawater, incorporating the ligand promoted dissolution of iron from the dust and 
including reactions between superoxide with dust and Fe. 
 
Figure 2: Location of the sampling stations occupied during this work in the vicinity of the 
Cape Verde archipelago. The location of the TENATSO ocean observatory (orange hexagon) 
is also shown for reference.  
 
Figure 3: Sampling methodology used in the incubation experiments for assessing the impact 
of dust dissolution on the decay kinetics of O2-. 
 
Figure 4: Iron solubility experiments (0.02 µm Anotop 25) conducted in seawater (collected 
during M68-3 in the Eastern Tropical Atlantic) with the radioisotope 55Fe. (top left) 
Concentration of soluble iron as a function of time in the presence of 2 nM of the strong Fe 
complexing siderophore DFO. (top right) Soluble iron in the presence of 2 nM DFO with O2- 
produced enzymatically with the xanthine/xanthine oxidase system  (50 µM Xanthine and 1 
unit L-1 Xanthine Oxidase). (bottom right) Soluble iron in the presence of O2- but without 
DFO. (bottom left) Control experiment in the presence of 50 µM xanthine only. 
 
Figure 5: Laboratory dust dissolution experiment utilizing O2- production with the superoxide 
thermal source SOTS-1. (left) Fe(II) formation from the added dust (8 mg in 1 L) in the 
presence (red circles) or absence (blue triangles) of SOTS-1.  The Fe(II) was trapped with 1 
mM Ferrozine (Fz) and detected spectrophotometrically. (right) Log transformed data 
showing the relationship between the decay rate of SOTS-1 and the Fe(II) formation rate.   
 
Figure 6: ( left) Comparison between Fe titrations of seawater and seawater with Ferrozine 
(160µM). (right) Comparison between Cu titrations of seawater and seawater with 
Neocuproine (380µM). The experiments in seawater without chelator could only be followed 
until a Cu content of 1.57nM as with higher Cu additions the reaction was too fast to be 
determined.  
 
Figure 7: Titration data for Cu and Fe from experiment 8 after 24 hours incubation showing 
the influence of the iron chelator DFO on kobs. Data from the 3 experimental treatments are 
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shown: Seawater samples with no DFO (circles), seawater with 2.5 nM DFO added (triangles) 
and seawater with 5 nM DFO (diamonds). The DTPA amended samples are also shown in 
each figure as the value at a metal concentration 0. (left)  Cu titration data. The least squares 
regression fit to the non-DTPA amended data are also shown. In all cases R2 > 0.95 and the 
corresponding kCu is displayed.  (right) Fe titration data. The least squares regression fit to the 
non-DTPA amended data are also shown for comparison only as the fits were poor in all cases 
(R2 < 0.4).  
 
Figure 8: Total dissolvable iron concentrations in the 4 experiments performed in July 2008 in 
the different sample treatments after 24 (green bars) and 48 hours (blue bars). For a full 
description of the experimental setup please refer to the text. 
 
Figure 9: (left) Time variation in kobs for the seawater plus dust treatment from experiments 1 
(circles) and 2 (triangles) performed in July 2008. (right) Time variation in kobs for the 
seawater plus dust treatment from experiments 3 (diamonds) and 4 (squares) also performed 
in July 2008. The error bars to the values of kobs are contained within the size of the symbol. 
The data presented here is for the seawater only samples, no DTPA or metals added. 
 
Figure 10: Time course of kobs for all of the treatments in experiment 9 performed in May 
2009. Treatments included:  A no dust addition control (circles), a +8 mg dust addition 
(triangles), a +16 mg dust addition (diamonds), and a +8 mg dust addition that was kept in the 
dark for the duration of the experiment (squares). The error bars to the values of kobs are 
contained within the size of the symbol. The gray vertical bars indicate the night hours during 
the experiment. 
 
Figure 11: Time course for calculated values of kCu and kFe from experiment 9 showing 
evidence for the presence of natural Fe chelators that did not react with O2-. Treatments 
included:  A no dust addition control (circles), a +8 mg dust addition (triangles), a +16 mg 
dust addition (diamonds), and a +8 mg dust addition that was kept in the dark for the duration 
of the experiment (squares).  (left) log kFe values calculated during experiment 9   (right). Log 
kCu values calculated during experiment 9. Note that the minimum value determinable in our 
work for kCu and kFe is 106 M-1 s-1  and this is shown as a dotted line in the figure. The gray 
vertical bars indicate the night hours during the experiment. 
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Figure 12: Time course showing the variation in korg, the organic reaction with O2- measured 
using DTPA amended seawater samples, for all treatments ( control – circles, dust addition – 
triangles, dust addition with 1 nM desferrioxamine B – diamonds, dust addition with 1 µM 
Gluconic acid - squares) from (left) Station 1 and (right) Station 4. The error bars to the 
values of korg are contained within the size of the symbol.  
 
Figure 13: Time course showing the variation in korg, the organic reaction with O2- measured 
using DTPA amended seawater samples, from experiment 9. Treatments included:  A no dust 
addition control (circles), a +8 mg dust addition (triangles), a +16 mg dust addition 
(diamonds), and a +8 mg dust addition that was kept in the dark for the duration of the 
experiment (squares).  The error bars to the values of korg are contained within the size of the 
symbol. The gray vertical bars indicate the night hours during the experiment. 
 48 
Table 1: Date and location of the filtered (0.2 µm) surface seawater samples used in this study for incubation experiments. All samples were 
obtained in the vicinity of Sao Vicente, Cape Verde with the R.V. Islandia. All treatments were run in duplicate.  
Date1 
Station/ 













15.07.08 1 16°46 25°70 0.90 4.62 SW SW+Dust SW+Dust +1nM DFO SW+Dust+1µM GluAc 
20.07.08 2 17°04 24°51 2.12 2.94 SW SW+Dust SW+Dust +1nM DFO SW+Dust+1µM GluAc 
24.07.08 3 17°04 24°49 1.81 2.11 SW SW+Dust SW+Dust +1nM DFO SW+Dust+1µM GluAc 
29.07.08 4 17°14 24°38 1.15 1.10 SW SW+Dust SW+Dust +1nM DFO SW+Dust+1µM GluAc 
19.05.09 8 17°12 24°28 - - SW SW+2.5nM DFO SW+5nM D FO - 
23.05.09 9 16°46 25°09 0.87 1.20 SW SW+Dust SW++Dus t4 SW+Dust (Dark)5 
 
Notes: 1Samples were collected at sea on this date in the early evening, returned to the INDP in Mindelo and the experimental treatments placed in 
the incubators pre dawn on the following day. The experiment then ran for 48 hours.   2Dissolved Cu concentration measured in the initial sample.  
3Dissolved Fe concentration measured in the initial sample.  4Dust additions were with 8.0 ± 0.1 mg per 4.5 L seawater, with the exception of 





Figure 1: Schematic of proposed reaction pathways for the dissolution of Saharan dust in 
surface seawater, incorporating the ligand promoted dissolution of iron from the dust and 




Figure 2: Location of the sampling stations occupied during this work in the vicinity of the 
Cape Verde archipelago. The location of the TENATSO ocean observatory (orange hexagon) 
is also shown for reference.  
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Figure 3: Sampling methodology used in the incubation experiments for assessing the impact 




Figure 4: Iron solubility experiments (0.02 µm Anotop 25) conducted in seawater (collected 
during M68-3 in the Eastern Tropical Atlantic) with the radioisotope 55Fe. (top left) 
Concentration of soluble iron as a function of time in the presence of 2 nM of the strong Fe 
complexing siderophore DFO. (top right) Soluble iron in the presence of 2 nM DFO with O2- 
produced enzymatically with the xanthine/xanthine oxidase system  (50 µM Xanthine and 1 
unit L-1 Xanthine Oxidase). (bottom right) Soluble iron in the presence of O2- but without 




Figure 5: Laboratory dust dissolution experiment utilizing O2- production with the superoxide 
thermal source SOTS-1. (left) Fe(II) formation from the added dust (8 mg in 1 L) in the 
presence (red circles) or absence (blue triangles) of SOTS-1.  The Fe(II) was trapped with 1 
mM Ferrozine (Fz) and detected spectrophotometrically. (right) Log transformed data 




Figure 6: ( left) Comparison between Fe titrations of seawater and seawater with Ferrozine 
(160µM). (right) Comparison between Cu titrations of seawater and seawater with 
Neocuproine (380µM). The experiments in seawater without chelator could only be followed 




Figure 7: Titration data for Cu and Fe from experiment 8 after 24 hours incubation showing 
the influence of the iron chelator DFO on kobs. Data from the 3 experimental treatments are 
shown: Seawater samples with no DFO (circles), seawater with 2.5 nM DFO added (triangles) 
and seawater with 5 nM DFO (diamonds). The DTPA amended samples are also shown in 
each figure as the value at a metal concentration 0. (left)  Cu titration data. The least squares 
regression fit to the non-DTPA amended data are also shown. In all cases R2 > 0.95 and the 
corresponding kCu is displayed.  (right) Fe titration data. The least squares regression fit to the 
non-DTPA amended data are also shown for comparison only as the fits were poor in all cases 
(R2 < 0.4).  
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Figure 8: Total dissolvable iron concentrations in the 4 experiments performed in July 2008 in 
the different sample treatments after 24 (green bars) and 48 hours (blue bars). For a full 




Figure 9: (left) Time variation in kobs for the seawater plus dust treatment from experiments 1 
(circles) and 2 (triangles) performed in July 2008. (right) Time variation in kobs for the 
seawater plus dust treatment from experiments 3 (diamonds) and 4 (squares) also performed 
in July 2008. The error bars to the values of kobs are contained within the size of the symbol. 
The data presented here is for the seawater only samples, no DTPA or metals added.
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Figure 10: Time course of kobs for all of the treatments in experiment 9 performed in May 
2009. Treatments included:  A no dust addition control (circles), a +8 mg dust addition 
(triangles), a +16 mg dust addition (diamonds), and a +8 mg dust addition that was kept in the 
dark for the duration of the experiment (squares). The error bars to the values of kobs are 




Figure 11: Time course for calculated values of kCu and kFe from experiment 9 showing 
evidence for the presence of natural Fe chelators that did not react with O2-. Treatments 
included:  A no dust addition control (circles), a +8 mg dust addition (triangles), a +16 mg 
dust addition (diamonds), and a +8 mg dust addition that was kept in the dark for the duration 
of the experiment (squares).  (left) log kFe values calculated during experiment 9   (right). Log 
kCu values calculated during experiment 9. Note that the minimum value determinable in our 
work for kCu and kFe is 106 M-1 s-1 and this is shown as a dotted line in the figure. The gray 




Figure 12: Time course showing the variation in korg, the organic reaction with O2- measured 
using DTPA amended seawater samples, for all treatments ( control – circles, dust addition – 
triangles, dust addition with 1 nM desferrioxamine B – diamonds, dust addition with 1 µM 
Gluconic acid - squares) from (left) Station 1 and (right) Station 4. The error bars to the 





Figure 13: Time course showing the variation in korg, the organic reaction with O2- measured 
using DTPA amended seawater samples, from experiment 9. Treatments included:  A no dust 
addition control (circles), a +8 mg dust addition (triangles), a +16 mg dust addition 
(diamonds), and a +8 mg dust addition that was kept in the dark for the duration of the 
experiment (squares).  The error bars to the values of korg are contained within the size of the 
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Measurements of superoxide (O2-) reaction kinetics were
made during a transect with the research icebreaker Polarstern
(ANT24-3) in the Antarctic through the Drake Passage in
austral autumn 2008. Our sampling strategy was designed to
investigate the sinks of superoxide in Polar waters; principally
through reactions with dissolved organic matter (DOM) or
metals (copper and iron). We modified an existing chemilumi-
nescence flow injection system using methyl Cypridina
luciferin analog (MCLA) for the detection of O2- and added
O2- using KO2 as the source. Our results indicate that O2- in
ambient seawater had a half-life ranging from 9.3 to 194 s. DTPA
additions to seawater, to remove the effects of reactions
with metals, revealed O2- decay rates consistent with a second
order reaction, indicating that the dismutation reaction
dominated and that reactions with DOM were not significant.
Titrations of seawater by the addition of nanomolar amounts
of iron or copper revealed the importance of organic chelation
of Fe and/or Cu in controlling the reactivitywithO2-. Throughout
the water column reactions with Cu appeared to be the
major sink for superoxide in the Southern Ocean. This new
strategy suggests an alternative approach for speciation
measurements of Fe and Cu in seawater.
Introduction
The superoxide (O2-) radical is potentially an important
species involved in the redox cycling ofmetal ions in natural
waters (1-4). In sunlit surface waters O2- is a major product
of the photo-oxidation of colored dissolved organic matter
(CDOM) (5) andcanalsobeproducedbymetabolicprocesses
in phytoplankton (6, 7). Inorganic complexes of Cu(II)/Cu(I)
and Fe(II)/Fe(III) can react rapidly with superoxide (Table
S1 Supporting Information) leading to a catalytic cycle for
superoxide decay (2).
To assess the effect of superoxide onmetal redox cycling
it is necessary to understand both the rates of production
and destruction. There are few direct measurements of
superoxideproduction rates fromtheopenocean,with single
studies published on photoproduction (5) and nonphoto-
chemical production (8). However, studies of H2O2 photo-
production are available and provide a reasonable estimate
of the major O2- source in the ocean (9). Several reactions
havebeen identified inseawater thatcouldcontrol superoxide
decay rates and these principally include the following: (i)
the second-order uncatalyzed dismutation reaction of su-
peroxide with its conjugate acid (9); (ii) reactions with Cu
species in seawater (2, 3); (iii) reactions with Fe species in
seawater (1, 4, 10); and (iv) reactions with CDOM or other
organic matter (11). These pathways for superoxide decay
are summarized in Figure S1.
Earlier work by Voelker and colleagues (1-3, 11) found
that organically complexed Cu was a far more important
sink for superoxide than the dismutation reaction and that
reactions with Cu complexes could represent a signifi-
cant source of Cu(I). Other workers have also suggested
that superoxide could play a role in maintaining a
significant concentration of Fe(II) in seawater (10, 12, 13)
by reduction of inorganic or organically complexed iron.
The aim of the present work was to measure the decay
kinetics of superoxide in Antarctic seawater from the Drake
Passage to assess the sinks for superoxide and related effects
on metal speciation in these waters. We examined here the
role of natural Fe and Cu complexes in open ocean seawater
to act as catalytic O2- sinks by relating the decay rate of O2-
to Cu and Fe concentrations and speciation. O2- was added
as KO2 to ambient, DTPA-complexed, and trace-metal-
amended seawater samples from a range of depths through-
out the water column and the decay of O2- was followed by
a chemiluminescence technique.
Experimental Section
Complete descriptions of the experimental methods can be
found in the Supporting Information (SI) accompanying this
manuscript.
pH Measurements. In the present work we report
seawater pH values using the total hydrogen scale (pHTOT)
(14)whileweuse theNBS scale, pHNBS, for pHmeasurements
of buffers and other low ionic strength solutions. All pH
measurements were made using a WTW pH meter 330i
calibrated with Tris buffers (15).
Reagents. All reagents were prepared using 18MΩ cm
resistivity water (hereafter MQ water) supplied by a com-
bination of an ELIX-3 and Synergy 185 water systems
(Millipore). High-purity HCl (6 M, hereafter abbreviated to
Q-HCl)wasmadeby redistillationofMerck trace-metal grade
acids in a quartz sub-boiling still (16). MCLA ([2-methyl-6-
(4-methoxyphenyl)-3,7-dihydroimidazo[1,2-a]pyrazin-3-
one, HCl]) (Fluka) was used as received. A primary MCLA
standard, 1 mMMCLA, was prepared by dissolving 10mg of
MCLA in 34.5mLofMQwater; 1-mL aliquots of this solution
were then pipetted into polyethylene vials and frozen at-80
°Cuntil required for use. TheworkingMCLA standard, 1 µM,
was prepared from a thawed vial of the primary stock by
dilution into 1 L of MQ water. This solution was buffered in
0.05Msodiumacetate andadjusted topHNBS of 6withQ-HCl.
A 3.8 mM stock solution of diethylenetriaminepentaacetic
acid (DTPA) was made up by dissolving 0.6 g in 400 mL of
MQwater. AworkingCu(II) standard (0.1ppm)wasprepared
by serial dilution of the primary (1000 ppm) in MQ water
with 1% 6 M Q-HCl. A 10 mM Fe(III) primary stock solution
was prepared from FeCl3 ·6H2O (Sigma) in MQ water with
1% 6MQ-HCl. A working iron standard solution (1 µM) was
prepared from the primary stock solution, diluted with MQ
water, andacidifiedwith 1%6MQ-HCl. For eachexperiment
a fresh superoxide stockwasprepared in a trace-metal-clean
dark glass bottle by adding a specific amount (8-10 mg) of
potassium superoxide, KO2, to a 0.05 M NaOH solution
(CAUTION:KO2 is explosive andmust behandledwith care).
This pH ensured a relatively stable superoxide source
concentration over the time frame of the experiment (half-
life approximately 3 h). In the present manuscript we report
seawater pH values using the total hydrogen scale (pHTOT)* Corresponding author e-mail: pcroot@ifm-geomar.de.
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(14) All plasticware used in this work was extensively acid
cleaned before use.
SuperoxideMeasurementTechniqueandApparatus.For
this work, we adapted an existing chemiluminescence
analysis method for superoxide which utilizes the reagent
MCLA (17-20). The mechanism and specificity for the
reactionofMCLAandO2- iswell described (21). Ourmethod
is not substantially different from that recently published by
Rose et al. (22) in which they also used a commercially
available flow injection system (FeLume - developed by
Whitney King at Colby College, Waterville, ME). All mea-
surementswere performed onboard the research icebreaker
Polarstern in a Class 100 Clean Container at 23 °C. For full
details of this method the reader is referred to the SI.
Reaction Kinetics. Our experimental design was based
on previous research on superoxide reactions with Cu
complexes (2) and organic matter (11) with the inclusion of
reactionswith Fe (23, 24). In this scheme the reactivity ofO2-
is determined by the following reactions:
where k2 is the second-order uncatalyzed dismutation rate
constant and the rate constant for the metal reactions (kM)
includes both the Cu(II)/Cu(I) and Fe(III)/Fe(II) redox pairs,
the reactionwith organic substances is described by the first
order rate korg.
The observed rate of superoxide decay can then be written
as followswith only a single term each for the first-order and
second-order rate components
where kobs is described as the sum of the first order reaction
rates.
In the samples with added DTPA it is assumed that
kobs ) korg (11). For full details of the numerical methods
used to solve k2 and kobs simultaneously see the SI.
Field Measurements of Superoxide Reaction Rates in
Seawater. Our approach is based on measuring the decay
rate of known quantities of added O2- (as KO2) to seawater.
O2- is detected via its chemiluminescence reaction with
MCLA (see above). The experimental setup consists of a
minimumof 6 experimental treatments: (i) control, reaction
with unmodified seawater; (ii) metal-free reaction, achieved
by complexation of trace metals in solution with DTPA, this
reactivitymeasured here then only corresponds to reactions
mechanism 1 and 2 shown above; (iii and iv) addition of
Cu(II) to the seawater to form a titration series with the
control, this approach was also used in a previous study (2);
(v andvi) additionof Fe(III) to the seawater to forma titration
series with the control (see Figure S3).
For each experiment 6 depths from throughout thewater
column were sampled. From each depth six 60-mL Teflon
bottleswere filledwith 40mLof the fresh collected seawater.
One was spiked with DTPA (3.8 µM), two were spiked with
Cu (0.85 nM, 1.7 nM), two were spiked with Fe (1 nM, 2 nM),
and one was left with seawater only. Metal additions were
left to equilibrate for 3 h, while DTPA samples were left
overnight (12 h). After equilibration, 20 µL of a freshly
prepared KO2 solution (∼100 µM O2- as checked by UV
spectrophotometry and corrected for H2O2 absorbance) was
added to the samples and immediately injected in the flow
injection system where the chemiluminescence signal was
detected and followed for up to 5min. Full details of the data
analysis methods used can be found in the SI.
Results
Measurements of total dissolved Cu and Fe and the chlo-
rophyll fluorescence at the stations occupied in the Drake
Passage are shown in Figure 1. Dissolved Cu increased
monotonically with depth as has been seen previously in
this region (25). Profiles of dissolved Fe also increased with
depth with the exception of station 230 where an iron-rich
plume originating from the Antarctic Peninsula could be
clearly observed from the surface to 500 m. This iron rich
plume was coincident with enhanced chlorophyll with the
highest levels foundclosest to theAntarctic Peninsula (Figure
1) at station 230.
In all experiments the decay of O2- in natural seawater
was predominantly first order with kobs ranging from 0.004
to 0.074 s-1 (Tables S3-S4). In the vertical profiles there was
a clear minimum in kobs in the depth range 50-75 m which
was the lower part of the mixed layer but still within the
euphotic zone (Figure 1). For samples with addedDTPA, the
observed decay was strongly second-order and did not fit a
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first-order decay curve. Second-order rate constants were
fitted by simultaneous estimation of the MCLA sensitivity
and rate data (see SI) for each experimental run (Tables
S3-S4). In only a few DTPA-amended samples, from in-
termediate depths (200-500 m) and from the near surface
close to theAntarcticPeninsula (Station230),were significant
first-order components detectable.
The addition of Cu and Fe to seawater increased the rate
of superoxide decay (Figure S7); in general this effect was
morepronouncedbelow500mandwithaddedCu. Formany
samples from the euphotic zone (0-120 m) the addition of
Cu or Fe did not appreciably change the rate of superoxide
decay, most likely indicating an excess of strong superoxide
inert organic chelators in the sample. Estimates of log kCu are
shown in Figure 2 and varied from 6.4 to 7.9 with a clear
minimum at station 249 at 100 m. Values of log kCu were
relatively constant below 200 m at all stations. Estimates of
log kFe are displayed in Figure 3 and varied from below
detection (<6) to 7.9 and tended toward maximal rates in
mid-depth waters (100-500 m) with lowest values in the
upper 200 m.
Discussion
Superoxide Decay Rates in Seawater. Measurements of
superoxide decay in open ocean waters are limited, with
earlier results being undetectable (<1.5 s-1) using spectro-
photmetry (9), while recent results in the Tropical Pacific
using a chemiluminescence approach similar to ours (8)
found values of 9.7× 10-3 s-1 > k > 1× 10-4 s-1. Higher values
have been found in coastal waters (3, 11, 26). The kinetics
of the dismutation reaction has been extensively examined
in pure water (27, 28) and Zafiriou (9) made the first direct
measurements of KHO2 in seawater (pKa* ) 4.60 ( 0.15) and
measured the dismutation rate constant k2 (5( 1× 1012 [H+]
M-1 s-1) on the pHNBS scale. In the present work from the
experiments performed with DTPA and seawater we mea-
sured the dismutation rate using pHTOT as 4.4 ( 1.6 × 1012
[H+] M-1 s-1 (n ) 14, 95%CI), in reasonably good agreement
with the earlier data of Zafiriou (9) given the differences in
the pH scales used and that Zafiriou did not state at what
temperature his work was conducted.
A recent study in the Tropical Pacific by Rose et al. (8)
observedfirst-order rateswithDTPA-amended seawater and
these authors suggested it was from reactions with organic
species or strong metal organic species that did not react
with DTPA rapidly. There is a significant difference between
our study and theirs with regard to the experimental setup
as in their work they added DTPA immediately before
measuring the superoxide decay while in the present study
we equilibrated the DTPA with the seawater for a minimum
of 12 h before the addition of superoxide. The longer
equilibration timeused inourworkwasbasedon thefindings
of Hering and Morel (29) and experiments in our own lab
which indicated aminimumof 1 hwas required.We suggest
here that the addition of DTPA immediately before mea-
surement does not prevent trace metal reactions with
superoxide and thus work performed in this manner needs
to be interpreted carefully.
Importance of Nonmetal (Organic) Reactions with
Superoxide. Previous work by Goldstone and Voelker (11)
found a significant reaction between superoxide and DOM.
In the present work we found this reaction pathway to be
minor as we observed in DTPA-amended samples reaction
rates thatwere distinctly secondorder and similar to the rate
of the dismutation reaction in seawater (9). However closer
examination at stations close to the Antarctic Peninsula
(Station 230) suggests that there were small contributions
fromDOM,most noticeably in theproductive surfacewaters
(25m: kobs) 0.006( 0.001) and in the regionof thenutricline
(200 m: kobs ) 0.004 ( 0.001). The observed pattern in our
work ispartially consistentwith theproductionofneworganic
matter in the surface waters by phytoplankton and the
remineralization of organicmatter at depth via zooplankton
grazing and bacterial activity.
Goldstone and Voelker (11)found a correlation between
CDOM absorption at 300 nm and korg for DTPA-amended
coastal seawater samples. Unfortunately during our cruise
nomeasurements ofCDOMabsorptionweremade, however
apreviousphotochemical study in the sameregion (30) found
values of ∼0.25 m-1 for surface water CDOM absorption at
300 nm which would suggest a value of korg ) 0.1 s-1 based
on theworkofGoldstoneandVoelker. Themuch lower values
for korg found here suggest that open ocean CDOM is
significantly less reactivewith superoxide thancoastalwaters
and thismaybe related to the lackof riverinehumicmaterials.
Half Life and Steady State Concentration for O2-. In the
present study we observed half-lives for superoxide in
ambient seawater ranging from 9.3 to 193.6 s (mean 43.5 s,
n ) 27). Ingeneral the slowest rateswere foundaround50-75
m in the euphotic zone, though there was no statistically
significant trend with depth. Earlier estimates for seawater
were significantly longer; 5-20 min (26) based solely on the
FIGURE 2. Calculated Cu reaction rates (kCu, M-1 s-1) with
superoxide in the Drake Passage, Station 230 (green, circles),
Station 236 (blue, triangles), and Station 249 (red, squares): (left)
full depth range; (right) top 500 m of the profile. Error bars
represent the 95% confidence intervals.
FIGURE 3. Calculated Fe reaction rates (kFe, M-1 s-1) with
superoxide in the Drake Passage, Station 230 (green, circles),
Station 236 (blue, triangles), and Station 249 (red, squares): (left)
full depth range, (right) top 500 m of the profile. Closed symbols
indicate the value was below the detection limit of log kFe ) 6.
Error bars represent the 95% confidence intervals.
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dismutation reaction indicating the importance of including
reactions with metals in estimating superoxide lifetimes.
Previous workers (2, 8, 11) have utilized the concept of
apseudo-steady-state concentrationofO2- in seawaterbased
on equal production and decay terms:
Estimates of the steady-state concentration can be obtained
by solving eq 5 as a quadratic equation. For Antarctic waters
we can find no published values for superoxide formation
butwe can estimate anupper limit of 9 nMh-1 by usingH2O2
production rates (31) of 4.5 nM h-1 for sunlit surface waters
at midday in the vicinity of the Antarctic Peninsula. Using
this approach we estimate [O2-]ss ≈ 116( 28 pM (n ) 3, 95%
CI) for samples in the Drake Passage at 25 m depth. Our
estimate is similar to that suggestedbyVoelker andcolleagues
basedonmiddayphotoproduction incoastal andopenocean
waters of [O2-]ss ∼ 10-200 pM (2, 11).
Implications for Steady-State Deep Water H2O2 Con-
centrations. Measurements of H2O2 in deep waters in the
Drake Passage ranged from 2 to 6 nM (Croot et al. in
preparation) similar to other deep waters (32). Yuan and
Shiller (32) suggested a 12-day residence time in the deep
North Pacific for H2O2 based on the assumption of a 0.01 nM
h-1 biological production rate and an extrapolation of
measured biological decay rates (0.009 nM h-1) for H2O2. If
we apply the same deep water production rate here to the
decay constants we determined it suggests a O2- production
rate of 20 pM h-1 resulting in a [O2-]ss for deep water (>500
m) of 0.26 ( 0.24 pM (95% CI: range 0.15-0.46 pM, n ) 7).
This contrasts sharply with recent data from intermediate
waters in the Tropical Pacific (8) which indicated [O2-]ss of
20-150 pM with superoxide first order decay rates of
0.001-0.01 s-1. Such high [O2-]ss would indicate elevated
deepwater H2O2 production (0.08-0.6 nM h-1) and concen-
trations (8-61 nM, assuming a 4 day residence time forH2O2
(33)) which have currently not been observed in the field.
Alternativepathways forH2O2production that donot involve
superoxide (34) would further suggest that the [O2-]ss are pM
or less in deep waters as our study suggests.
Effect of O2- on Metal Speciation in Seawater. The
significant decreases observed in our study for the decay
rate of superoxide in DTPA-amended seawater indicate that
for ambient seawater, reactions with metals must be the
dominant superoxide decay process. For a [O2-]ss ) 100 pM
our study predicts that the dismutation reaction would
represent less than1%of the loss of superoxide in all samples
withoutDTPA.Under thehigherconcentrationsof superoxide
used in thedecayexperimentsweperformedtheuncatalyzed-
dismutation pathway represents 78 ( 24% (n ) 27, 95% CI,
range 42-94%) of the initial loss rate (Figure S6). Thus it is
necessary to include the uncatalyzed dismutation pathway
for our experiments but it is clearly a minor pathway in the
open ocean.
Superoxide reacts rapidly with inorganic Cu species in
seawater (3) and also with organic Cu complexes (2) despite
their apparent strong complexation. In the present studywe
also saw evidence for a fast reaction between organic Cu
species and superoxide, as voltammetric speciation mea-
surements for Cu (Heller and Croot, manuscript in prepara-
tion) indicated freemetal concentrations for Cu below 10-13
M throughout the water column. Such low values of free
copper would not be sufficient to generate the values of log
kCu we observed and thus the reaction must involve organi-
cally complexed Cu also. This is consistent with the work of
Voelker et al. (2) who found that the strong Cu organic
chelators produced by Synechococcus reacted rapidly with
superoxide and suggested that this may be related to an
exchangeable water coordinated to the chelated copper.
Fast reactions with Cu(I) resulting from the reduction of
Cu(II) would help to catalyze the decay of superoxide. The
impact of superoxide reactions on the Cu redox cycle can be
estimated by using the observed value of log kCu and its
relationship to kCu(I) and kCu(II) (2).
Assuming that kCu(I) ) 1 × 109 M-1 s-1, which is simply the
reaction with inorganic Cu(I) as there is insufficient time to
form organic complexes, and that the reactions with super-
oxide are much faster than the oxidation of Cu(I) by O2 (3),
then eq 6 can be solved for kCu(II) and the steady state ratio
of Cu(I) can be calculated from the following:
Using this approachwe can estimate for our study that Cu(I)
under steady state conditions made up between 0.1 and 4%
of the total copper pool. For samples from the sunlit upper
100 m in our study this we estimate 1-63 pM Cu(I) which
is on the limit of current analytical detection schemes (35).
Actual measurements of Cu(I) in the subtropical Atlantic
indicate that Cu(I) is 5-10% of the total copper (35) in the
euphotic zone, suggesting an additional contribution from
direct photoreduction of Cu complexes.
Additions of Fe to seawater in this study saw only small
increases in superoxidedecay rateswhencompared tocopper
(Figure S7). For many water samples from the upper water
column the addition of iron saw almost no change in the
decay kinetics (Figures 2 and 3) suggesting strong organic
complexation of iron by chelators in excess of the ambient
iron concentration in agreementwith previous observations
in the Southern Ocean (36, 37). Estimation of the reaction
rates of Fe(II) (kFe(II)) andFe(III) (kFe(III))with superoxideusing
kFe via the same approach as for Cu as above is problematic,
if we assume that the reaction is only due to free Fe(II), then
the usual value used in the literature, kFe(II) ) 1 × 107 M-1 s-1
(Table S1), is inconsistent with the observed values of kFe (eq
6) in many cases. This suggests that kFe(II) under seawater
conditions may represent faster reactions with superoxide
than with free Fe(II). There is precedence for this as studies
on Fe(II)-EDTA suggest faster reaction rateswith superoxide
(kFe(II) ) 1.2 × 108 M-1 s-1) (38) and model findings where
reactions with Fe(II) species that predominate in ambient
seawater (Fe(OH)+, Fe(OH)2, Fe(CO3)22-) were suggested to
react faster than free Fe(II), though these model results are
currently in dispute (39). Using a higher estimate for kFe(II)
) 5 × 107 M-1 s-1 (1) we then estimate that under steady-
state conditions Fe(II) made up only 0.05-4% of the total
iron in our experiment resulting in <1 pM Fe(II) from
superoxide in the euphotic zone in the Drake Passage. Thus
the elevated levels of Fe(II) in Southern Ocean waters seen
during a diel cycle must be produced via a direct photore-
duction pathway (40).
If iron in our samples is organic complexed then the
reduction of the naturally occurring Fe(III) complexes by
superoxide is significantly faster than formodel siderophores
such as ferrioxamine B (Table S1), and is more consistent
with reactions with inorganic or weakly complexed iron
(1, 24). Itmayalso indicate the importanceof rapidsuperoxide
reactions with the reduced form Fe(II) where organic
complexationmay occur on a slower time scale (41). Recent
ultrafiltration studies (42) found that much of the Fe that
passed through an 0.2-µm filter did not pass through a 10-
or 200-kDa ultrafilter indicating that much of the dissolved
Fe is colloidal in nature though still possibly bound to an
organic matrix. Thus in the present work we suggest that
[O2
-]ss(2k2[O2
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wherewe observed elevated kFe values it is suggestive of iron
weakly bound to soluble complexes or labile sites on organic
colloids. Observations of log kFe < 6.5 are indicative of strong
soluble complexes such as siderophores which are relatively
unreactive to superoxide.
An important consideration in thepresentwork iswhether
the presence of up to 500 nM of H2O2 derived from the KO2
source may influence the results for Cu and Fe. We believe
this was not the case for Cu based on two lines of reasoning:
(1) the reaction of Cu(I) with H2O2 is very slow 7 x103 M-1
s-1 (43) and O2 would remain the major pathway for Cu(I)
oxidation (44); and (2) similarly the reaction of Cu(II) with
H2O2 is also a minor pathway under seawater conditions
(44). As the oxidation of Fe(II) is sensitive to H2O2 concen-
trations (45) in our experiments Fe(II) oxidation would be
influenced by H2O2. However the rate-determining step for
the superoxide loss was still the reduction of Fe(III) and thus
faster oxidationofFe(II)wouldnot give rise toanacceleration
of the overall loss rate of superoxide.
Environmental Significance: Superoxide decay and
Biogeochemical Cycles. The concept of “Oceanographic
Consistency” was first applied to dissolved trace metal data
by Boyle and Edmond (46) and should also be applicable to
redox data such as we present here. However the criteria
must be extended to include both the effects of fast kinetics
andphysicalmixingprocesseswhich can strongly determine
the shape of a vertical profile in sunlit waters (41) and to
include consistency between production and decay terms.
Thus superoxide data should be consistent with both H2O2
data and trace metal redox speciation data. In the current
study it appears that superoxide decay kinetics in ambient
seawater are related to other biogeochemical processes
through the reactions with the Cu and Fe species present.
Changes in Cu and Fe speciation within the water column
causedby release/exudation of chelators by phytoplankton/
bacteria in the photic zone and remineralization of metals
by zooplankton grazing at intermediate depths are all
plausible interpretations of the changes in superoxide decay
we observed here. It is apparent here that Cu, based on both
the higher concentrations and faster reaction rates than Fe,
is themajorpathway for superoxidedecay inSouthernOcean
waters. These reactions occur despite the Cu being strongly
organically complexed and has clear implications for both
Cu redox cycling and superoxide lifetimes.
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Supplementary Information:  Seawater sampling and Kinetic Modelling 
Sampling Stations. The location of the sampling stations used in this study can be 
found in Table S2 and Figure S2. Samples were collected during the GEOTRACES 
cruise ANT24-3 (Capetown-Punta Arenas), from 6 February- 16 April 2008 on board 
the German research vessel RV Polarstern. Three stations were occupied in the Drake 
Passage (Data in Table S3). Data from two stations from the Weddell Sea (Data in 
Table S4) are also included, but here no total metal data is available. 
 
Water Sampling. Seawater samples were obtained using the TITAN trace metal 
clean rosette system belonging to the NIOZ [1]. In brief this sampling system consists 
of a rectangular Titanium rosette fitted with a standard Seabird CTD and 24 modified 
12 L Teflon coated GO-FLO bottles (General Oceanics, Miami, FL, USA). The 
rosette was deployed on a specially made trace metal clean Kevlar wire (17.7 mm) 
complete with conducting cable. Sample bottles were tripped on the upcast using 
standard Seabird CTD software. Upon recovery of the rosette the complete rosette 
was carefully moved into a Class 100 clean room container specially built for 
sampling from this system. Care and maintenance of the GO-FLO bottles was 
performed by NIOZ technicians using established protocols [2]. In the sampling clean 
room, filtered water samples were collected using slight N2 overpressure and filtration 
through pre-cleaned 0.2 µm filter cartridges (Sartorius) from the relevant GO-FLO 
into 1 L trace metal clean Teflon bottles for shipboard superoxide experiments, a 
replicate 1 L sample was also drawn into low density polyethylene bottles for later 
analysis for total metals (acidified onboard with Q-HCl, 1mL/L) in the laboratory in 
Kiel. Analytical work at sea was performed at 23° C in an over-pressurized class 5 
clean air container belonging to the IFM-GEOMAR.   
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Total Dissolved Copper and Iron determination. Samples were analyzed in the 
laboratory by graphite furnace atomic absorption (ETAAS: Perkin-Elmer Model 4100 
ZL) after pre-concentration by simultaneous dithiocarbamate-freon extraction, from 
seawater (250-500 g) [2-3]. The accuracy of the analytical procedure was evaluated 
by measurement of the certified seawater standard NASS-5 (National Research 
Council of Canada) and the SAFe intercomparison standard [4]. Our values for NASS 
5 agree within the stated values for NASS 5 and our SAFe data (SAFe S: 0.395 ± 
0.025 nM Cu, 0.112 ± 0.013 nM Fe, SAFe D2: 1.480 ± 0.481 nM Cu, 0.829 ± 0.127 
nM Fe) are close to the average consensus values for Fe. There is currently no 
consensus value for Cu for the SAFe samples but are consistent with published data 
for the same samples [5-6]. The precision for replicate analysis was between 3-5% at 
the concentrations found in this study. The procedural (analytical) blank was 0.041 ± 
0.024(σbl) nM (Fe) and < 1 pM (Cu).  
 
Measurement of impurities in superoxide standards prepared from KO2 and 
calibration of the initial superoxide concentration. 
(i) Trace Metals: Previously KO2 has not been used widely as a source of superoxide 
due to the perception from work in the period 1970-1980 that it was highly 
contaminated with metals. However it appears that many of the earlier problems 
found with KO2 resulted from non trace metal clean equipment and in particular water 
supplies which did not utilize final filtration as was alluded to in some earlier works 
[7]. Interestingly given the development in chemical preparations and trace metal 
analysis we could find no evidence of any direct measurements in KO2 having been 
made. For the present work we analyzed directly aliquots of KO2 solutions for Fe and 
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Cu, prepared as described below, and found that the KO2 contained 0.7 ± 0.1 ppm Fe 
(dry weight) and no detectable Cu (less than 0.06 ppm Cu). Thus using our standard 
protocol we would have added ~3 pM Fe (< 0.8 pM Cu) which would provide a 
maximum additional decay rate of 3 x 10-4 s-1 (using a reaction rate with Fe of 1 x 108 
M-1 s-1 – see Table S1) significantly less than our observed rates. Thus the influence 
of trace metals in the KO2 in our studies was apparently not significant to affect the 
results.  
 
(ii)There is a significant amount of H2O2 in solutions prepared from KO2 and this is 
unavoidable with any superoxide source, including photochemical and enzymatic 
production pathways. In the course of this work we came across problems with the 
current spectrophotometric methods used for calibrating O2- that was generated 
photochemically using acetone or benzophenone in 2-propanol/water mixtures 
following the method of McDowell et al. [8]. In brief the absorption spectra of 
acetone [9] and benzophenone [10] overlap with that of O2- [11] and the reaction with 
benzophenone also produces acetone [12-13].  Similarly another common system used 
to generate a flux of O2- , Xanthine/Xanthine Oxidase also has been shown to be more 
complicated than first thought [14]. Thus in the present work we chose to use KO2 as 
our source for O2- in simple pulse chase decay experiments. In the present work we 
routinely made measurements of both species in each standard solution prepared by 
UV spectrophotometry with either a 1 m LWCC-2100 100 cm pathlength liquid 
waveguide cell (World Precision Instruments, Sarasota, FL, USA), or a 10 cm Quartz-
cuvette (Hellma), and an Ocean Optics USB4000 UV-VIS spectrophotometer in 
combination with an Ocean Optics DT-MINI-2-GS light source. Concentrations of 
H2O2 and O2- were determined by determining the least squares solution to the 
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measured absorbance, at multiple wavelengths, by using published molar extinction 
coefficients for H2O2 [15-16] and O2-[11]. Mean initial concentrations in the primary 
KO2 solution assessed in this way were 900 ± 50 µM for H2O2  and 90 ± 10 µM O2-. 
No DTPA or other complexing agents were added to our KO2 primary solution. H2O2 
in the final seawater solutions was also assessed on occasion by a chemiluminescence 
flow injection method [17] and the results agreed well with the concentrations 
determined by direct spectrophotometry. A review paper on specific calibration issues 
for O2- will be submitted shortly (Heller and Croot, manuscript in preparation). 
 
Overview of the FeLume chemiluminescence system:  This system comprises a 
light tight box equipped with a Plexiglas spiral flow cell mounted below a photon 
counter (Hamamatsu HC-135-01) linked to a laptop computer via a Bluetooth 
connection controlled through a purpose built LabviewTM (National Instruments) 
virtual instrument. For O2- determination we ran the sample and the MCLA reagent 
directly into the flow cell using a peristaltic pump (Gilson Minipuls 3, operating at 18 
rpm,) with the sample line being pulled through the flow cell as this leads to the 
smallest amount of dead time in the system (typically 2-3 s).  The overall flow rate 
through the cell was 8.25 mL min-1, comprising 5.0 mL min-1 from the MCLA and 
3.25 mL min-1 from the sample. The transit time through the optical cell (300 µL) was 
therefore 2.18 s. 
 
Back ground Chemiluminescence: MCLA produces chemiluminescence by itself 
due to auto-oxidation of the conjugate base of  MCLA with O2[18].  Auto-oxidation 
reactions are reduced by using an analytical pH less than the  pKa of MCLA (7.75) 
[19] and by reducing the MCLA concentration [20]. MCLA also reacts rapidly with 
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singlet oxygen to produce chemiluminescence [19] however singlet oxygen is present 
at low pM concentrations as it is efficiently quenched in seawater [21].  MCLA also 
does not appreciably react with H2O2 to produce chemiluminescence at the 
concentrations encountered in the present work [20]. In our study we ran seawater 
samples without added superoxide and to determine the baseline chemiluminescence 
due to the auto-oxidation reaction of MCLA. The baseline values determined in this 
fashion (range: 7000 – 15000 counts per 200 ms period) were subtracted from the 
superoxide decay data in order to correctly determine the decay rate (see below). In 
the present work where we added nM superoxide in order to observe the decay the 
baseline corrections were relatively minor with regard to the initial counts (< 1%). At 
lower concentrations of superoxide baseline correction is more important as is the 
signal to noise ratio. 
 
Linearity of the MCLA technique: The linearity of the chemiluminescence response 
between MCLA and superoxide was assumed in the method of Rose et al. [22] but as 
was pointed out by reviewers of this work was not demonstrated. The assessment of 
this linear response is of course complicated by the rapid decay of the superoxide. 
Thus in the present work we performed a series of experiments in which seawater 
samples were spiked with varying amounts of a known concentration of superoxide. 
Using the observed counts as a function of time from the chemiluminescence reaction 
we were then able to back calculate the initial superoxide signal. For the configuration 
used in our experiments we found a linear response, for the range 0-90 nM 
superoxide, (see figure S5) as has been shown previously [23-24]. A practical concern 
however is that with high concentrations of superoxide (> 90 nM) the 1 µM MCLA is 
insufficient to prevent uncatalysed dismutation of superoxide in the pHNBS 6 buffer 
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despite the fast reactivity of MCLA with O2- [25-26]. An additional check on the 
linearity of the response was that the calculated rates in DTPA amended seawater 
were not significantly different from earlier estimates [27], this would not have been 
observed if the response was significantly non-linear. 
Precision and Accuracy: As this was the first time this approach had been applied 
we performed an initial experiment using water collected from close to Cape Verde, 
which was run repeatedly  (n=5), kobs = 0.0245 ± 0.0016 (2σ) indicating a  precision of 
6.4 % for these samples. The main problem associated with this technique initially 
was the formation of bubbles in the flow cell which gave rise to signal spikes, this 
problem was reduced when seawater samples were given adequate time to come into 
equilibrium with the laboratory temperature after collection. Care is also needed in 
mixing the samples thoroughly when adding the superoxide.  For the work reported 
here from the Drake Passage samples were run in duplicate.   
The accuracy of the MCLA method for the determination of both superoxide 
concentration and the value of the rate constants k1 and k2 are difficult to assess given 
that the superoxide concentration is transient and there are no standard reference 
materials available with a certified rate constant. However by comparison with 
previous data using spectrophotometry [28-30], which our data compare well with, we 
believe that this method is at least as accurate, if not better, as other available 
methods.   
 
Measurement of Sample pH. In the present manuscript we report seawater pH 
values using the total hydrogen scale (pHTOT) [31] while we use the NBS scale for pH, 
pHNBS, for pH measurements of buffers and other low ionic strength solutions. All pH 
measurements during the course of this work were made using a WTW pH meter 330i 
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calibrated with Tris buffers [32]. In earlier works on superoxide kinetics in seawater, 
authors either did not report which pH scale they used or have used pHNBS, apparently 
unaware of problems with this scale at high ionic strengths [31-32]. In particular the 
work of Zafiriou [27] on the uncatalyzed dismutation superoxide reaction in seawater 
was apparently made with the pHNBS scale, the exact pH scale is not specified, and a 
precise conversion to the pHTOT scale is not possible as some of the relevant 
information was not supplied in that work (i.e. Temperature, Alkalinity or TCO2). In 
our work we are able to calculate the in situ and laboratory pHTOT based on 
temperature, pressure, salinity, nutrient, alkalinity and TCO2 data, provided by the 
shipboard party (NIOZ). Laboratory pHTOT measurements were also made on the 
samples prior and after the addition of superoxide. In all cases pHTOT increased after 
the addition of superoxide by approximately 0.08-0.10 pHTOT units.  These small 
increases in pHTOT however did not apparently affect first order decay rates in any 
significant manner as evidenced by the good precision for kobs found over a range of 
superoxide additions (see section above on precision) where the maximal pHTOT 
change was up to 0.20 pH units. It should be noted that a larger pHTOT change was 
induced by the warming of the samples to the laboratory temperature (see Tables S3 
and S4) and these temperature induced changes in superoxide reactivity need to be 
considered when considering in situ rates.  
 
Calculation of rate data for superoxide. The raw chemiluminescence signal for the 
reaction between MCLA and O2- recorded by the computer was processed using a 
specially designed LabviewTM VI constructed for this purpose using standard kinetic 
fitting procedures to determine both the 1st (kobs) and 2nd order (k2) rates 
simultaneously. The photon counter has a base counting period of 10 ms, for the 
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present work we used average counts of an integration time of 200 ms. Dark 
background counts for this detector were typically 60–120 counts s−1. Apparent 
reaction rates for Cu (kCu) and Fe (kFe) with O2- were calculated via linear regression 
of kobs versus the total metal added [29]. Using our experimental setup the minimum 
values for kCu and kFe that were measurable is estimated at 1x106 M s-1. 
 
Model Calculations for O2- kinetics. Numerical modeling of O2- reactions in 
seawater was performed using a fully explicit model written in C++ updated from an 
earlier version [33] to include Cu chemistry. Rate constants for the key reactions 
involved were compiled from those already published in the literature (see Table S2).   
 
Supplementary Information on the Fitting Procedures: 
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Where k1 (units: s-1) is a first order rate constant and can be considered as the sum of 
all first order reactions with superoxide, k2 is the second order dismutation rate  (units: 
M-1 s-1) which has previously been described by Zafiriou [27]. 
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Which is equivalent to the following: 
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Thus upon rearranging equation 10 above gives a final solution for the concentration 
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Similarly if it is assumed that the MCLA response to O2- is linear then a sensitivity 





  (12) 
 
Substituting S/C for [O2-] in equation 1 above and solving as for the case shown above 


























  (11b) 
 
 Note that for the above equation when k2 = 0 (no dismutation) the solution to 
equation 11 is the same as that for a normal first order reaction. However the equation 
does not collapse to solely second order when k1 = 0 as then step 4 above would 
involve division by 0. Thus in the case of k1 = 0 the normal 2nd order rate equation 
should be used, for practical purposes in this work this was done when k1 < 1x10-4 s-1. 
 
In the present work we constructed a LabviewTM  VI to solve both the first and second 
order reaction rates simultaneously.   
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Table S1: 2nd Order Reaction Rate Constants (M-1 s-1) for Metal species with O2- 
 
Species HO2 O2- 
Cu(I) > 1*109 (a) ~1*1010 (a) 
 - 9.4±0.8*109 (b) 
 - 1.98±0.05*109 (c) 
Cu(II) 1.2*108 (d) 1.1*1010 (d) 
 - 6.63 ± 0.71*108 (c) 
Fe(II) 1.2±0.5*106 (e) 7.2*108 (f) 
 1.2±0.2*106 (g) 1.0±0.1*107 (g) 
Fe(III) - 1.8*108 (g) 
 3.1*105 (h) 1.5±0.2*108 (i) 
HO2 8.3±0.7*105 (j) 9.7±0.6*107 (j) 
 
  
Cu(II)L - 2.9-8.1*108 (k) 
 - 5±3*107 (l) 
Fe(III)L - 9.3±0.2*103 (m) 




Notes: The reader is also referred to the compilation of Bielski et al. [11]. In 
describing the experimental setup used in each work we use the following 
abbreviations: pulse radiolysis (p.r.), flash photolysis (f.p.), γ irradiation (γ-r), optical 
detection of superoxide (opt) and chemical detection of superoxide or equivalent 




 Cu+, pH 5.3, p.r. opt. [34]. (b) Cu+, p.r. opt. [35]. (c) Cu+  and Cu++ in seawater, p.r. 
opt. [30]. (d)Cu2+  and Cu2+-arginine, p.r, opt.[36]. (e)Fe2+, pH 1, p.r, opt.[37]. (f) Fe2+ 
and Fe3+, p.r., opt [38]. (g) Fe2+ species, pH 1-7, p.r, opt [39]. (h) Fe3+ species, pH 2.74, 
p.r., opt [40]. (i) Fe(OH)2+ species, pH 1-7, p.r, opt [39]. (j) As summarized in Bielski et 
al. [11]. (k)Natural seawater with Cu complexing ligands [29]. (l)Copper complexing 
ligands produced by Synechococcus [29]. (m)Fe(III) complexed with desferrioxamine 
B in bicarbonate buffered solution [41]. (n)Fe(III) complexed with natural organic 
matter in bicarbonate buffered solution [41].  
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Table S2: Location of sampling stations in the Weddell Sea and Drakes Passage. 
 
Station Date/Time UTC Max depth Latitude Longitude 
Weddell Sea 
204 23.03.08 12:40 4600 m 64° 48.0 S 42° 53.2 W 
216 27.03.08 21:04  63° 42.1 S 50° 50.6 W 
Drake Passage 
230 03.04.08 01:20 2450 m 60° 06.0 S 55° 16.2 W 
236 05.04.08 16:31 3420 m 58° 58.3 S 58° 07.9 W 
249 10.04.08 19:47 4250 m 56° 07.3 S 63° 45.4 W 
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Table S3: Compilation of rate data from the O2- decay experiments performed in the Drake Passage. 
Station Depth apHTOT  bpHTOT DTPA  SW Fe Cu 
  (in situ) (lab) k2 k1 log kFe intercept R2 log kCu intercept R2 
 (m)   M-1 s-1 s-1  M-1 s-1   M-1 s-1  
230-6 25 8.07  7.77 c 2.00±0.02 x105  19.3±0.4 x10-3 6.26±0.35 18±2 x10-3 0.86 7.28±0.51 14±24 x10-3 0.75 
230-6 50 8.03 7.73 9.36±0.1 x104 13.22±0.3 x10-3 6.76±0.08 7±2 x10-3 0.99 7.27±0.33 10±16 x10-3 0.87 
230-6 100 8.03 7.72 7.79±0.03 x104 35.9±0.6 x10-3 7.46±0.3 9±58 x10-3 0.89 7.83±0.38 50±64 x10-3 0.84 
230-6 200 8.00 7.67 c 2.44±0.03 x105 33.5±0.6 x10-3 d < 6  34±2 x10-3 0.63 7.57±0.11 31±10 x10-3 0.98 
230-6 400 7.90 7.63 4.80±0.02 x104 13.6±0.2 x10-3 7.64±0 25±88 x10-3 0.02 7.64±0.18 9±20 x10-3 0.96 
230-6 1000 7.92 7.67 4.51± .06 x104 41.1±0.5 x10-3 6.83±0.14 7±4 x10-3 0.97 7.85±0.22 50±38 x10-3 0.94 
236-5 25 - 7.83 1.77±0.06 x105 24.7±0.7 x10-3 d < 6  25±2 x10-3 0.97 6.70±0 27x10-3 1.00 
236-5 50 - 7.83 6.82±0.05 x104 7.6± 0.1 x10-3 6.87±0.16 7±4 x10-3 0.97 6.95±0.21 6±4 x10-3 0.94 
236-5 120 - 7.81 1.44±0.07 x104 22.5±0.3 x10-3 7.43±0.2 18±20 x10-3 0.95 7.63±0.47 34±52 x10-3 0.77 
236-5 250 - 7.70 7.21±0.03 x104 37.1±0.7 x10-3 6.45±0.54  31±10 x10-3 0.72 7.79±0.24 29±38 x10-3 0.93 
236-5 500 - 7.66 1.02±0.03 x104 16.8±0.2 x10-3 6.55±0.01 15 x10-3 1.00 d < 6  - - 
236-5 2800 - 7.68 6.64±0.04 x104 16.6±0.2 x10-3 6.42±0.02 15 x10-3 1.00 7.35±0.1 18±6 x10-3 0.99 
249-3 25 8.08 7.83 6.12±0.02 x104 21.2±0.4 x10-3 d < 6  30±52 x10-3 0.01 7.61±0.24 16±24 x10-3 0.93 
249-3 50 8.08 7.83 4.02± 0.03 x104 9.0 ± 0.8 x10-3 6.42±0.5 9±4 x10-3 0.76 6.92±0.07 9±2 x10-3 0.99 
249-3 100 8.06 7.81 2.38± 0.02 x104 17.5 ± 0.3 x10-3 d < 6  18±4 x10-3 0.88 6.40±0 12±0.1 x10-3 1.00 
249-3 200 8.03 7.76 4.46± 0.02 x104 11.6 ± 0.2 x10-3 7.24±0.51 12±32 x10-3 0.74 7.30±0.16 13±8 x10-3 0.97 
249-3 400 7.94 7.68 6.56± 0.02 x104 21.2 ± 0.7 x10-3 7.79±0.39 4±96 x10-3 0.83 7.90±0.11 17±22 x10-3 0.99 
249-3 2500 7.87 7.68 1.17± 0.04 x105 12.2 ± 0.1 x10-3 d < 6  12±2 x10-3 0.33 7.79±0.78 39±120 x10-3 0.56 
 
Note: apHTOT estimated using the MATLAB program CO2SYS [42], no estimates are possible for Station 236-5 due to a lack of alkalinity data. 
bpHTOT as determined by measurement (±0.01) prior to superoxide addition, after superoxide addition pHTOT is ~0.1 pH units higher. cSmall first 
order component also identified in this rate. dThe value is below the minimum detectable rate for the experimental design used (1 x 106 M s-1). 
Error estimates are for 2σ (95% confidence interval). n.d. denotes no data available as the total dissolved Cu and Fe data were not measured. 
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Station Depth DTPA  SW 
  
k2 k1 
 (m) M-1 s-1 s-1 
204-2 50 3.47 ± 0.04 x104 7.3 ± 0.4 x10-3 
204-2 100 3.52± 0.05x104 29.7 ± 0.6 x10-3 
204-2 1000 3.61± 0.02 x104 36.3 ± 1.1x10-3 
216-1 25 6.07± 0.02 x104 74.5 ± 1.9x10-3 
216-1 75 3.00± 0.01 x104 3.6 ± 0.9 x10-3 
216-1 100 6.37± 0.05 x104 36.7 ± 1.2 x10-3 
216-1 200 3.75± 0.02 x104 36.5 ± 1.2 x10-3 
216-1 750 8.40± 0.04 x104 22.6 ± 0.6 x10-3 
216-1 2000 3.46± 0.07 x104 34.4 ± 0.7 x10-3 
 
Note: Error estimates are for 2σ (95% confidence interval). No total dissolved Cu and 
Fe data were measured from these samples in the Weddell Sea. 
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Figure S1: Sampling strategy and main reactions considered for superoxide in 





Figure S2: Satellite Chlorophyll data (monthly composite MODISAQUA) for the Weddell 
Sea and Drake Passage in March 2008. The cruise track (blue line) and location of Stations 
(red dots) in this work are also shown. Satellite Chlorophylla data was obtained from OBPG 
MODISAqua Monthly Global 9km Products via GIOVANNI 
(http://reason.gsfc.nasa.gov/Giovanni/) using the Ocean Color TimeSeries Online 
Visualization and Analysis platform. Analyses and visualizations used in this paper were 
produced with the Giovanni online data system, developed and maintained by the NASA 
Goddard Earth Sciences (GES) Data and Information Services Center (DISC). We also 
acknowledge the MODIS mission scientists and associated NASA personnel for the 
production of the data used in this research effort. All satellite images are finally displayed as 









Figure S4: Example chemiluminescence output as observed in this study. The water 






Figure S5: Calculated initial count at t=0 from a series of O2-  additions (circles)  to 
DTPA amended seawater using the conditions employed in this study. Counts were 
corrected for the baseline due to MCLA auto-oxidation (10,000 counts). The apparent 




Figure S6: 2D figure showing the instantaneous fraction of superoxide reacting via the 
uncatalyzed dismutation reaction (k2) as a function of the superoxide concentration 




Figure S7: Drake Passage – Influence of Cu and Fe additions on the superoxide 
reactivity rate (kobs) in seawater. (Top 3 panels) Cu additions to seawater. (Bottom 3 
panels) Fe additions to seawater. Data for each station are plotted above and below 
each other. Values of kCu and kFe were determined by least squares linear regression of 
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Redox effects of superoxide in polar waters
The oceans constitute 70% of the
surface area of the biosphere, and
the fertility of the sea’s “soil” de-
pends in large part on the micro-
nutrients available therein:
dissolved organic matter, metal
ions, and the like. Light, which
arrives on a regular schedule fre-
quently interrupted by
weather, serves as a ma-
cronutrient for photosyn-
thesis, but it also has
other effectssits reaction
with colored dissolved or-
ganic matter, for example,
generates superoxide (O2-)
in the sea as deep as the
sun can penetrate. As Pe-
ter Croot and Maija Heller
of the Leibniz Institute of
Marine Sciences (Ger-
many) show in a recent
ES&T paper (2009, DOI 10.1021/
es901766r), the fate of superoxide
is intimately connected to the oxi-
dation state (and thus the bio-
availability) of dissolved metal
ions in Antarctica’s surrounding
Southern Oceansand in some
surprising ways.
The effects of superoxide in
ocean-like environments have
been studied in detail in the labo-
ratory, but available field data are
sparse. This new study “takes
maximal advantage of prior work
to design and implement a fairly
complex experimental design,”
says Oliver Zafiriou of the Woods
Hole Oceanographic Institution.
Seawater was collected at a va-
riety of depths throughout the
voyage of the German research
vessel Polarstern (as a contribu-
tion to the International Polar
Year GEOTRACES program)
through the Weddell Sea and into
the Drake Passage. Concentra-
tions of Cu and Fe were deter-
mined, giving a depth profile of
the dissolved metal ions. Then,
decomposition kinetics of added
superoxide were analyzed on-ship
through a well-characterized
chemiluminescent reaction with
the reagent MCLA. By comparing
the decay kinetics of superoxide
in control seawater with samples
“spiked” with Fe, Cu, or the metal
chelator DTPA (which, by experi-
mental design, binds metal ions
to prevent their reaction with su-
peroxide), Croot and Heller were
able to assess the importance of
various contributors to the de-
composition of superoxide.
“We went back to using an
older source of superoxide, solid
KO2,” which hadn’t been used for
years because of a belief that it
was contaminated with trace met-
als, Croot explains. “However, we
found that commercial KO2 sup-
plies were now clean enough for
this worksand most importantly
without the use of a chelating
agent, such as DTPA, in the su-
peroxide source.”
Despite being strongly organi-
cally complexed in the open
ocean, “Cu was apparently the
major sink” for superoxide, says
Croot. “Fe was a minor sink, and
somewhat surprisingly, given ear-
lier coastal work, reactions with
organic matter were almost non-
existent.”
A noteworthy experimental
variation was a designated incu-
bation time for DTPA. On the ba-
sis of an earlier publication and
their own observations, Croot and
Heller specifically equilibrated
DTPA with seawater samples for a
minimum of 12 hours. This re-
finement is important when their
data are compared with data ac-
quired by otherwise very similar
experimental methods.
“An important question that
this study raisessbut does not
fully answersis whether Cu reac-
tions compete with and minimize
Fe reduction to more bio-
available forms in the sur-
face ocean,” says Zafiriou.
“The fate of the super-
oxide itself is not as im-
portant as its role as a
redox agent,” agrees Croot.
Iron cycles between Fe(II)
and Fe(III), and copper
cycles between Cu(I) and
Cu(II). “These chemical
species have very different
bioavailabilities and
reactivitiessand in the
case of Fe, solubilities.”
Croot and Heller apply
“oceanographic consistency”
throughout their discussion of the
kinetic data. In chemical ocean-
ography, open ocean water col-
umn data should be “smooth and
readily related to species with
similar chemistries or processes,”
says Croot. “In this way, it pro-
vides a check on whether the data
you have are ‘consistent’ with the
processes we know occur in the
oceansincluding vertical mixing,
light penetration, metal complex-
ation, and O2 or H2O2 concentra-
tions, for instance.” These
internal checks for self-consis-
tency bolster the wealth of new
field data that the study provides.
“The Southern Ocean is of con-
siderable interest as a focus of
conservation of marine biota, as
well as a site where we expect cli-
mate change to impact first,” says
Gustaaf Hallegraeff of the Univer-
sity of Tasmania (Australia). “This
work raises new ideas about the
bioavailability of Fe, linked to
little-studied Cu, in relation to
superoxide decay kinetics.”
—STEVEN C. POWELL
Superoxide produced in seawater by sunlight has important
effects on the redox statesand thus the solubility and
bioavailabilitysof Cu and Fe ions and their complexes.




























Conclusions and future outlook 
 The importance of photochemically formed ROS to the biogeochemical and biological 
processes in the open ocean is now clear but we still have only a poor understanding of the 
exact mechanisms and critically the rates and fluxes of theses compounds. As both superoxide 
(O2-) and hydrogen peroxide (H2O2) can act as oxidants and reductants with trace metals they 
have an important influence on trace metal redox cycling. Presently we have only a little 
information on the formation rates of O2- and H2O2 from direct photochemical production in 
the ocean and their relative reactivity with different metal or organic species present in 
seawater. This study emphasises the important role of O2- in mediating redox changes 
between various chemical species and in particular with the bio-relevant trace metals Fe and 
Cu. Typically reactions with metal species of Cu and Fe are extremely fast and only a small 
amount of metal is required to catalyse O2- dismutation. 
The initial ideas for this thesis were based on the then available literature regarding the  
sources and detection methods for O2-. However at the beginning of experimental work to 
setup a detection system for O2- in our laboratory, it became soon clear that the previous 
published methods had either overlooked or ignored problematic issues concerning the 
production and detection of O2-. Due to this reason it became necessary to develop a new 
detection system using a reliable source of O2-, KO2, which had been not used for a long time 
due to supposed trace metal impurities. However we were able to confirm in test analysis that 
this impurities in modern commercial KO2 were actually minimal. This source is because of 
its simplicity free from many of the side effects which are found for example in the enzymatic 
production of O2. A general problem with O2- detection systems at the pH of natural water or 
seawater is the production of hydrogen peroxide which interferes in the detection of O2-. H2O2 
is either produced direct by the O2- producing system or it is formed by the uncatalysed 
dismutation reaction of O2- to H2O2 and O2. 
However in ongoing research work we found after an extensive search in the available 
literature a further source of O2- which produces the radical species through thermal 
decomposition of an azo compound (SOTS-1). This thermal decomposition, which produces 
superoxide at a relatively low but constant rate, could be successfully tested in seawater. The 
thermal decomposition of SOTS-1 was evaluated over a range of seawater temperatures using 
both a flux based detection scheme developed using two spectrophotometric methods or a 
concentration based detection scheme using a chemiluminescence flow injection system. In 
this work it is demonstrated that through the development of the appropriate mathematical 
derivations and theory coupled with the use of SOTS-1 as an O2- source that analytical 
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detection systems for O2- can be calibrated for use in seawater to determine both 
concentrations and fluxes. 
For the field expeditions involved in this work different sampling strategies were 
developed to follow superoxide decay kinetics in either the tropical waters of the North 
Eastern Atlantic or the Southern Ocean. In the experiments which were conducted close to the 
Cape Verdean island the focus was also directed on the ability of O2- to play a role in dust 
dissolution processes. The solubility of iron in seawater has important implications for the 
formation of colloidal and particulate iron and on the bioavailability of iron to phytoplankton. 
Presently there is little information available on the influence of superoxide on the solubility 
of iron in seawater. However this process has been suggested to influence the dissolution of 
dust, iron rich nano-particles and colloids, but no direct assessment has yet been made. Our 
method described in this thesis allows an assessment of changes in both the organic reactivity 
with superoxide simultaneously with changes in the free metal speciation of iron and/or 
copper. This is an important breakthrough as it allows the evaluation of the importance of the 
different reaction pathways for superoxide and thus the factors which control metal redox 
speciation in seawater. Through this approach we can ascertain rapidly whether dust 
dissolution has altered the in situ iron speciation in seawater. Furthermore our results indicate 
that while ligand promoted and thermal dissolution appeared to be clearly important, our 
experiments in natural waters were highly variable and most of this variability was apparently 
related to dynamic factors associated with changes in surface seawater chemistry occurring 
over both spatial and temporal scales. Key amongst these factors is most likely the abundance 
of colloidal metal species and ligands. 
Coloured dissolved organic matter (CDOM) is the main light absorbing substance in 
the ocean and represents an important chromophore in the UV region. CDOM plays an 
important role in light availability for primary productivity and for photochemical reactions 
where it is critical to the production of free radical species. The reaction of O2- with organic 
material, which was previously proposed to be an important reaction pathway in coastal 
waters, I found in the Open Ocean waters close to Cape Verde to be a small but significant 
reaction pathway. Similarly in the Southern Ocean the reaction with organic material could 
only be detected in a few samples close to the Antarctic Peninsular indicating that this 
reaction in Polar waters is a minor pathway. Thus under metal free conditions the uncatalysed 
dismutation reaction would form here the major sink of superoxide.  
However both of this sinks are not relevant when trace metals, like iron or copper are 
present. In both study regions, the Southern Ocean and the North Eastern Tropical Atlantic, 
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the reaction with copper was the dominant sink for O2-. The results obtained in polar waters 
strongly indicate that superoxide reacts directly with organic complexes of copper as the 
estimated concentration of free copper present, based on voltammetric measurements, is 
insufficient to be the source of the fast reaction rates observed experimentally. Similarly in 
tropical waters when seawater was titrated with Cu, the rates were often found to be too quick 
for the analytical system to measure. There was also a significant reaction between Fe and O2- 
but at reduced rates compared to Cu and the results from my polar study showed that Fe in 
these waters was strong complexed by organic ligands and inert to O2-. 
A clear opportunity for future work is in the application, to in situ field measurements 
of  the fluxes of O2- in the water column, of the analytical detection system for O2- using the 
superoxide thermal source SOTS-1 described in this thesis. This is the logical next step to 
pursue in this work and was the reason this work was undertaken. However as it took the 
duration of this thesis to develop this method there was unfortunately no more opportunities 
in the field to test it.  
The solubility of iron in seawater is an important parameter in determining the 
formation of colloidal and particulate Fe and in turn in controlling the bioavailability of Fe, a 
key essential nutrient for phytoplankton growth. Clearly more work is needed to examine iron 
solubility under ambient conditions. However as iron has a low solubility in seawater, in the 
absence of organic binding ligands this could be as low as 20 pmol L-1, present analytical 
methods are not sensitive enough for the accuracy and precision that is required. Only by 
using radioactive isotopes do we have a significantly low enough detection limit for 
determining soluble iron, and more measurements are urgently needed. A challenging aspect 
of this is to try and combine radioisotopes with dust dissolution experiments similar to those 
conducted during the present thesis. The problem here is to design an experiment so that the 
radioisotope can be in equilibrium with the cold iron in the dust or perhaps more simply look 
at the rate of exchange between solution and dust. These experiments could be combined with 
the superoxide approach developed here but on a larger scale with more frequent sampling. 
Thus future work at Cape Verde should be planned around these types of experiments. 
The redox active fraction of CDOM, which can easily exchange electrons, has been 
attributed to quinone moieties. Quinones can shuttle between different redox states involving 
rapid reactions with O2- thus creating a potential catalytic cycle for the decay of superoxide. 
The second manuscript of this thesis presents the first study we are aware of in the open ocean 
which focused on the relationship between CDOM and the organic reactions with superoxide 
in seawater and further laboratory work on this certainly would help to improve the 
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understanding of this processes which is potentially important for the cycling and oxidation of 
organic matter. 
The question of whether other metals react with O2- is still open, and the most likely 
candidate is Manganese (Mn).  Mn is a key metal for photosynthesis due to its unique role in 
photosystem II and it is also used in further redox enzymes like superoxide dismutase. 
Photochemical processes are of critical importance to both H2O2 formation and Mn redox 
cycling and there exists a strong solar driven diel cycle for both H2O2 and Mn2+. Additional 
diel cycles in the biomass and cell division of pico-phytoplankton and bacterial may create 
further diel effects relating to Mn adsorption due to changes in particle numbers and surface 
areas. Thus Mn redox chemistry should be examined in detail to completely understand what 
controls the lifetime of O2- in seawater. 
The field work of this thesis was conducted in the North East Atlantic Ocean and the 
Southern Ocean and there I found different reaction kinetics for O2- in these diverse water 
masses. Up to now only a few field studies for O2- chemistry have been conducted in coastal 
areas and the Pacific Ocean and broader studies will surely help to clarify the key pathways 
for superoxide production and loss in seawater. This thesis utilized a suite of different reaction 
conditions and sampling strategies in order to elucidate O2- reactions in seawater. This new 
approach has already borne fruit in studies on the speciation and biogeochemical cycling of 
the important trace metals Fe and Cu and should be developed further.  
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